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Preface 


The  authors  believe  that  a  course  based  on  a  system  of  qualitative 
analysis  offers  certain  unique  potentialities  for  teaching  descriptive 
inorganic  chemistry  and  the  principles  of  chemical  reactions.  First,  a 
system  of  qualitative  analysis  is  an  effective  means  for  the  systemiza- 
tion  and  correlation  of  a  large  and  useful  background  of  factual  inor- 
ganic chemistry.  This  is  especially  true  because  the  basis  of  qualitative 
systems  is  a  process  of  utilizing,  initially,  the  more  general  properties 
of  the  elements  for  major  group  separations,  then  the  less  general 
properties  for  the  separation  of  subgroups,  and,  finally,  the  specific 
properties  for  individual  separations  and  confirmatory  tests.  Unfor- 
tunately, this  broad  systemization  is  often  lost  by  premature  and  undue 
emphasis  on  details  of  the  analytical  system. 

Second,  the  laboratory  work  in  qualitative  analysis  provides  re- 
peated opportunities  for  the  student  to  apply  chemical  principles  to 
immediate  experimental  situations.  Thus,  such  experimental  work  is 
a  most  effective  means  for  gaining  a  practical  understanding  of  the 
principles  and  their  applications. 

Third,  the  laboratory  work  can  illustrate  a  wide  variety  of  chemical 
operations — primarily,  phase  separations.  The  student  should  be  made 
to  realize  that  the  principles  involved  in  these  operations  are  not  re- 
stricted to  small-scale  analytical  processes. 

Finally,  the  laboratory  work  can  be  used  to  develop  a  spirit  of 
experimental  inquiry  and  critical  evaluation  which  can  be  the  germ 
of  creative  research.  This  is  true  because  no  system  of  qualitative 
analysis  is  perfect  or  can  provide  for  the  possibilities  which  arise  in 
student  use.  As  a  result,  the  student  will  encounter  experimental  situ- 
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ations  which  he  should  be  encouraged  to  interpret  and  to  solve  on  his 
own  initiative.  Again,  this  opportunity  is  frequently  lost  because  of  an 
unfortunate  compulsion  to  cover  too  much  material  in  too  short  a 

time. 

The  effectiveness  of  a  qualitative  system  in  correlating  and  system- 
atizing descriptive  inorganic  chemistry  will  be  determined  largely  by 
the  extent  to  which  the  major  separations  of  the  system  can  be  corre- 
lated with  the  fundamental  properties  of  the  elements,  and  therefore 
with  their  electronic  structures  and  positions  in  the  periodic  table. 
During  World  War  II  a  system  of  qualitative  and  quantitative  ele- 
mental analysis  was  developed  at  the  California  Institute  of  Tech- 
nology for  use  by  the  Army  Chemical  Corps.  In  this  system,  described 
in  detail  in  Chapter  1,  the  elements  were  divided  into  three  major 
groups.  Because  of  the  properties  of  the  elements  composing  them, 
these  groups  were  called  the  Basic,  Amphoteric,  and  Acidic  Element 
Groups.  This  division  appeared  to  offer  distinct  instructional  advan- 
tages over  the  major  group  separations  of  conventional  qualitative 
systems.  Therefore  a  simplified  form  of  the  war-time  system,  modified 
for  instructional  purposes,  was  developed  and  has  been  used  in  prelimi- 
nary form  at  the  California  Institute  and  at  the  University  of  California 
at  Los  Angeles  for  the  past  eight  years;  this  simplified  system  is  pre- 
sented in  this  book. 

Since  this  is  a  system  of  elemental  analysis,  and  since  the  major 
group  separations  differ  so  widely  from  those  of  conventional  systems, 
in  its  development  there  seemed  little  justification  for  adherence  to 
the  so-called  common  elements.  In  the  majority  of  cases,  the  elements 
included  have  been  selected  primarily  because  their  properties  and 
reactions  are  illustrative  of  the  principles  of  typical  chemical  reactions 
or  of  structural  and  periodic  relationships.  Also,  the  number  of  ele- 
ments included  is  limited  to  those  which  can  be  covered  in  a  one- 
semester  course  with  two  three-hour  laboratory  periods  per  week.  Sug- 
gestions regarding  the  content  of  such  a  course,  as  well  as  for  both 
shorter  and  longer  courses,  are  given  in  a  separate  teachers'  manual. 

The  primary  justification  for  the  inclusion  of  a  course  in  qualitative 
analysis  in  the  undergraduate  curriculum  is  its  effectiveness  in  attain- 
ing the  objectives  stated  above.  However,  the  authors  have  found  that 
student  interest  is  stimulated  by  the  fact  that  this  system  has  been 
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derived  from  one  which  was  developed  to  meet  a  professional  need. 
Partly  for  this  reason,  the  quantitative  features  of  the  Army  Chemical 
Corps  system  have  been  retained,  and  very  simple  and  rapid  methods 
for  estimating  the  elements  have  been  provided.  These  estimations 
involve  colorimetric  or  volumetric  methods,  or,  in  many  cases,  simply 
comparison  of  precipitant  sizes;  if  time  is  not  available  the  estimations 
can  be  eliminated  altogether.  However,  their  availability  is  evidence 
to  the  student  of  the  effectiveness  of  the  separations  and  of  the  need 
for  some  degree  of  quantitative  information  for  any  valid  interpreta- 
tion of  analytical  results.  If  time  is  available  these  estimations  provide 
a  means  by  which  the  student  can  evaluate  his  own  capabilities;  in 
addition,  they  can  be  used  to  teach  the  quantitative  and  stoichiometric 
nature  of  chemical  reactions  as  well  as  the  elementary  principles  under- 
lying quantitative  colorimetric  and  volumetric  methods. 

The  scale  of  operations  adopted  for  this  system  is  a  compromise  be- 
tween conventional  macro  and  semimicro  systems,  and  is  a  result  of 
an  effort  to  retain  the  advantages  of  each.  Most  of  the  operations 
involve  solution  volumes  of  3-6  milliliters  and  can  be  performed  in 
15  milliliter  test  tubes  or  25  milliliter  conical  flasks.  Provision  is  made 
for  the  use  of  either  centrifugation  or  filtration,  depending  upon  the 
type  of  precipitate  involved.  Simple  apparatus  for  suction  filtration 
has  been  devised,  and  in  many  cases  its  use  requires  less  time  than 
does  centrifugation;  this  will  minimize  student  congestion  around 
centrifuges.  The  scale  of  operations  employed  approaches  the  economy 
in  reagent  and  equipment  cost  of  semimicro  systems  without  the  loss 
of  quantitative  significance  characteristic  of  many  such  systems.  The 
authors  believe  that  this  quantitative  factor  contributes  greatly  to  the 
interest,  challenge,  and  instructional  value  of  the  system. 

This  book  is  not  meant  to  be  either  a  reference  book  of  inorganic 
chemistry  or  a  substitute  for  a  general  chemistry  text.  It  is  primarily 
a  laboratory  manual.  Student  preparation  substantially  equivalent  to 
the  first  half  of  a  one-year  college  general  chemistry  course  has  been 
assumed.  There  is  little  repetition  of  descriptive  material  which  the 
student  is  expected  to  have  covered;  the  treatment  of  principles  is  in 
general  confined  to  those  topics  pertinent  to  the  laboratory  work. 
Frequent  references  are  made  to  material  covered  in  a  college  general 
chemistry  text  which  the  student  is  presumed  to  have  and  to  use  in 
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conjunction  with  this  manual.  Thus  the  student  will  be  reminded  of 
the  specific  topics  which  he  will  need  to  understand  a  certain  operation, 
and  he  will  call  upon  his  earlier  work  for  background  material  to  inte- 
grate the  specific  features  into  a  related  whole.  The  authors  believe 
there  is  value  in  encouraging  the  student  to  use  such  source  material. 
The  laboratory  instructions  given  here  are  purposely  detailed,  espe- 
cially those  pertaining  to  the  earlier  procedures.  Such  explicit  instruc- 
tions are  necessary  in  the  early  stages  of  a  student's  development  for 
three  reasons.  First,  the  student  can  acquire  a  technique  which  will 
enable  him  to  demonstrate  the  capabilities  of  a  good  analytical  system 
and  acquire  confidence  in  his  own  experimental  capabilities.  Second, 
the  student  does  not  have  to  waste  his  time  in  concern  for  irrelevant 
details;  he  is  permitted  to  concentrate  on  the  chemistry  of  the  various 
operations.  Third,  by  following  detailed  instructions  which  describe 
good  laboratory  technique  the  student  learns  certain  fundamental 
laboratory  manipulations.  Executing  these  manipulations  properly 
should  then  become  a  subconscious  habit. 

There  are  those  who  will  say  this  approach  encourages  "cookbooking" 
and  that  the  student  should  be  allowed  to  work  out  his  own  system 
by  means  of  a  series  of  preliminary  experiments— usually  so  directed 
that  he  arrives  at  an  approximation  to  the  conventional  group  separa- 
tions. The  authors  are  in  complete  sympathy  with  any  attempt  to 
develop  student  interest,   initiative,   and  motivation.   However,   at- 
tempting to  develop  these  characteristics  by  means  of  such  an  obvious 
pedagogical  device— before  the  student  has  attained  the  technical  skill, 
the  background  of  factual  information,  or  the  grasp  of  principles  to 
plan,  execute,  or  evaluate  such  experiments— is  likely  to  lead  to  frus- 
tration and  disillusionment.  A  spirit  of  critical  interest  can  be  more 
effectively  engendered  by  explaining  at  the  beginning  of  the  course 
that  no  comprehensive  analytical  system  is  perfect,  but  that  any  such 
system  represents  only  the  cumulative  efforts  of  an  individual  or  group 
of  individuals  to  make  the  most  effective  use  of  the  knowledge  and 
skills  accumulated  to  that  time.  The  student  should  be  urged  to  ques- 
tion continually  why  particular  operations  or  methods  are  used;  he 
should  be  encouraged  and  given  the  time  to  try  any  variants  which 
appear  to  possess  merit.  The  student  should  be  told  that  no  system 
can  be  so  extensively  tested  as  to  permit  one  to  anticipate  the  various 
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difficulties  which  will  arise  in  use.  When  he  encounters  a  difficulty  he 
should  be  encouraged  to  seek  the  cause  and  then  to  devise  a  remedy. 
When  the  instructor  wishes  to  challenge  a  better  trained  or  more  ca- 
pable student  he  can  suggest  that  the  student  study  some  element  not 
included  in  the  present  system  and  predict  the  behavior  of  that  ele- 
ment through  the  system.  If  time  is  available,  such  predictions  can  be 
checked  in  the  laboratory,  and  the  experimental  incorporation  of  this 
element  in  the  system  can  be  undertaken. 

A  conventional  series  of  preliminary  experiments  which  are  intended 
to  familiarize  the  student  with  the  reactions  of  the  elements  has  not 
been  provided.  The  authors  believe  that  it  is  much  more  meaningful 
for  the  student  to  prepare  and  carry  out  an  analysis  of  a  comparison 
known.  The  observations  which  the  student  makes  in  the  course  of 
the  analysis  of  the  known  have  more  purpose,  he  obtains  more  practice 
in  the  operations  involved,  and  he  has  more  opportunity  to  evaluate 
his  own  capabilities  as  well  as  those  of  the  system.  The  authors  strongly 
recommend  the  method,  apparently  first  used  at  the  University  of 
California  at  Los  Angeles,  whereby  the  known  and  the  unknown  are 
run  concurrently,  each  step  of  the  analysis  being  first  performed  with 
the  known. 

The  procedures  of  this  book  have  been  subjected  to  extensive  testing, 
both  in  their  development  and  in  their  subsequent  use  in  preliminary 
form  by  students.  Nevertheless,  the  authors  are  well  aware  that  many 
opportunities  exist  for  technical  and  instructional  improvement.  Cor- 
rections of  errors  will  be  received  gratefully,  as  will  any  suggestions 
that  will  increase  the  effectiveness  of  this  book  as  a  text. 
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Section  1 


Principles  of 
Analytical  Chemistry 


Introduction 

Preliminary  Study  and  Laboratory 
Instructions 


A  he  material  in  this  introduction  is  intended  to  aid  you  in  organizing 
your  approach  to  this  course.  The  topics  briefly  summarized  here  are 
discussed  at  length  later  in  the  book.  Read  the  explanations  and  follow 
the  instructions  in  this  introduction,  then  proceed  with  your  laboratory 
and  class  work  as  directed. 


1.  Read  Chapter  1 

Before  your  first  laboratory  session,  read  Chapter  1.  This  will  ex- 
plain to  you  the  objectives  of  a  course  in  Qualitative  Chemical  Analysis, 
what  is  meant  by  the  structure  of  systems  of  qualitative  analysis,  and 
how  this  book  is  organized  to  present  the  subject  to  you. 

As  explained  in  Chapter  1,  this  book  contains  three  main  sections 
and  a  number  of  appendixes. 

Section  I  (pp.  3-116)  is  concerned  with  the  general  principles  of 
chemistry  which  relate  to  this  analytical  system;  much  of  it  should 
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already  be  familiar  to  you.  Material  in  Section  I  will  be  assigned  reg- 
ularly as  the  work  progresses,  and  will  be  supplemented  by  lectures, 
by  reading  assignments  in  your  general  chemistry  text,  and  by  assigned 
exercises. 

Section  II  (pp.  117-174)  discusses  general  laboratory  techniques. 
The  first  half  of  this  section  is  devoted  primarily  to  preliminary  instruc- 
tions concerning  the  preparation  and  use  of  equipment.  The  second 
half  contains  practical,  almost  indispensable,  advice  concerning  lab- 
oratory operations  such  as  the  transfer  of  liquids  and  solids,  and  the 
filtration,  centrifugation,  and  washing  of  precipitates. 

Section  III  (pp.  175-403)  contains  the  system  of  analysis  and  con- 
sists of  detailed  analytical  Procedures.1  The  Procedures  contain  Discus- 
sions of  the  principles  and  chemical  facts  underlying  the  procedures, 
and  the  laboratory  Instructions;  in  addition  there  are  Notes  amplifying 
or  interpreting  the  laboratory  work.  The  essential  chemical  features  of 
the  procedures  are  summarized  in  Tabular  Outlines;  the  sequence  of  the 
operations  is  shown  in  Flow  Sheets. 

The  appendix  contains  useful  data  and  information  needed  in  per- 
forming calculations,  solving  problems,  and  interpreting  results.  Famil- 
iarize yourself  with  this  information. 

2.  Read  Chapter  2 

You  cannot  be  certain  of  clearly  understanding  the  work  you  are 
going  to  do  unless  you  understand  the  meaning  of  the  terms  and  units 
as  they  are  used  in  this  book.  This  usage  may  differ  in  some  instances 
from  that  which  you  have  learned  to  expect.  Therefore,  read  Chapter  2 
carefully.  Read  also  (in  Section  II)  "Instructions  Regarding  the  Note- 
book" (pp.  119-121)  and  "Instructions  Regarding  Study  Methods" 
(pp.  121-122). 

3.  Read  "Analytical  Operations"  (Section  II,  pp.  143-174) 

You  will  need  to  refer  to  these  pages  often.  If  you  fail  to  carry  out 
operations  properly  and  effectively,  you  will  waste  laboratory  time 
and  have  nothing  to  show  for  your  time  and  effort. 

Procedures  are  designated  by  P.,  page  numbers  by  p.  (or  pp.);  thus  P.  51,  p.  290,  means 
Procedure  51  on  page  290. 
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4.  Preliminary  Laboratory  Work 

Before  beginning  your  analyses  be  sure  that  you  have  the  proper 
equipment  and  that  you  can  perform  certain  essential  operations 
properly.  Begin  your  first  laboratory  session  as  follows: 

(a)  Obtain  a  desk  assignment,  and  cheek  your  equipment  as  directed 
on  p.  119. 

(b)  Have  available  or  construct  four  stirring  rods  as  directed  on 
pp.  126-129.  Note  the  suggestions  regarding  proper  adjustment  and 
use  of  gas  burners  on  pp.  123-125. 

(c)  Have  available  or  construct  at  least  two,  preferably  four,  cali- 
brated droppers  as  directed  on  pp.  129-132. 

(d)  Have  available  or  construct  a  wash  bottle  as  directed  on  pp.  133- 
139. 

(e)  Construct  the  equipment  for  suction  filtration  as  directed  on 
pp.  139-142. 

(/)  Prepare  both  a  paper  filter  and  an  asbestos  filter  as  directed 
on  pp.  163—171;  practice  the  use  of  suction  filtration  with  these  filters 
until  you  hare  confidence  in  your  technique. 

5.  Analysis  of  Unknowns 

As  explained  on  pp.  11-12,  in  this  system  of  analysis  the  chemical 
elements  are  first  separated  into  "groups"  (and  "subgroups")  having 
certain  common  properties.  Then  the  analysis  for  single  elements  is 
made  by  examining  the  group  or  subgroup  in  which  they  are  supposed 
to  occur.  If  a  certain  element  has,  through  error  in  the  separation, 
been  carried  into  a  group  other  than  the  proper  one,  it  will  be  missed 
entirely. 

Because  the  group  separations  involve  a  relatively  large  number  of 
elements,  and  because  they  usually  are  complex  and  necessitate  a  high 
degree  of  skill  and  judgment,  your  first  analyses  will  involve  solutions 
containing  the  elements  of  a  single  group.  Thus  you  are  given  the 
opportunity  to  develop  your  skill  and  judgment  with  simple  group 
analyses  before  undertaking  the  more  difficult  problems  involved  in  the 
analysis  of  complex  solid  materials.  Your  first  unknowns  will  be  far 
easier  to  analyze  than  the  remaining  ones;  don't  be  lulled  into  a  false 
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sense  of  complacency  by  these  simpler  unknowns  before  starting  those 
which  involve  several  group  separations. 

Although  the  procedures  in  this  system  have  been  demonstrated  to 
be  effective  when  followed  carefully,  no  system  is  perfect  or  foolproof, 
and  all  systems  are  amenable  to  improvement.  This  is  good,  for 
otherwise  the  work  would  become  routine  rather  than  being  a  chal- 
lenge to  one's  skill,  knowledge,  and  judgment.  The  stages  most  sus- 
ceptible to  errors  are  the  initial  group  separations;  an  element  carried 
into  the  wrong  group  will  never  appear  in  the  proper  group,  and  it  may 
cause  interference  and  confusion  in  the  group  in  which  it  does  appear. 

The  principles  underlying  the  group  separations  should  be  under- 
stood thoroughly,  since  they  are  based  on  structural  and  periodic 
relationships  as  well  as  on  the  concepts  of  chemical  equilibria  in  solu- 
tions. Consequently,  an  understanding  of  these  group  separations  is 
essential  for  an  understanding  of  the  laboratory  work;  a  relatively 
large  amount  of  time  will  be  spent  on  them  in  both  quiz  sections  and 
lectures. 

Obtain  your  first  unknown.  It  will  probably  be  a  solution  to  be 
analyzed  for  the  elements  of  a  single  subgroup.  Be  sure  that  you  un- 
derstand clearly  at  which  place  in  the  system — Procedure  and  para- 
graph— you  are  to  begin,  and  that  you  know  the  composition  of  the 
solution,  especially  the  concentration  of  any  acid  or  base  present,  or 
of  any  salts  essential  to  the  analysis.  You  must  also  be  prepared  to 
write  equations  for  the  reactions  in  which  each  element  of  the  group 
would  have  been  involved  in  an  analysis  begun  with  the  fusion  of  P.2. 

Consult  your  instructor  as  to  whether  concurrent  analyses  of  knowns 
are  to  be  made. 


6.  Concurrent  Analyses  of  Knowns  and  Unknowns 

Your  first  unknowns  will  be  solutions.  These  solutions  will  be  essen- 
tially identical  in  composition  with  those  which  would  have  been  ob- 
tained if  you  had  started  with  a  solid  unknown  and  carried  it  through 
the  system  to  the  point  at  which  you  are  directed  to  start  with  your 
unknown  solution. 

"When  analyzing  these  first  unknowns  it  is  strongly  recommended 
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that  you  prepare  comparison  known  solutions  as  directed  in  Appendix  9 
and  carry  out  concurrent  analyses  of  the  known  and  unknown  solu- 
tions. (Consult  your  instructor.)  These  concurrent  analyses  are  made 
by  first  carrying  out  a  procedure  with  the  known,  then  with  the  un- 
known. By  this  means  you  familiarize  yourself  with  and  acquire  skill 
in  the  operations  of  the  procedures;  also  you  learn  the  sizes,  types, 
and  properties  of  the  precipitates,  and  the  characteristics  of  the  soluble 
colored  compounds  which  may  be  obtained  in  the  analysis.  Since  you 
know  the  quantity  of  each  element  present  in  the  known  solution,  you 
learn  to  relate  the  size  of  a  precipitate  or  the  intensity  of  the  color  of 
a  solution  to  the  quantity  of  an  element  present  in  it.  Thus  you  have 
a  basis  for  making  preliminary  estimates  of  the  quantities  of  the  ele- 
ments in  the  unknown.  This  information  can  be  of  great  value  in 
carrying  out  the  analysis  of  the  unknown  in  an  efficient  and  effect  ive 
manner  and  with  a  surprising  saving  of  time.  The  analysis  of  compari- 
son known  solutions  will  not  be  necessary  after  you  become  familiar 
with  the  reactions  and  the  physical  properties  of  the  compounds 
involved  in  this  system  of  analysis. 


7.  Reporting  Analyses 

In  this  system  a  100  mg  sample  of  a  nonmetallic  solid  or  a  50  mg 
sample  of  a  metallic  solid  is  taken  (see  p.  179).  (Remember  that  in 
your  first  experiments  the  unknown  solutions  given  you  for  analysis 
will  represent  the  solution  obtained  at  a  given  point  in  the  course  of 
the  analysis  of  such  samples.) 

Unless  otherwise  directed  by  your  instructor,  you  will  be  asked  to 
report  the  number  of  milligrams  of  each  element  present  in  your  un- 
known; occasionally,  in  the  case  of  solution  unknowns,  you  may  be 
asked  to  report  the  milligrams  present  per  milliliter.  Remember  that 
sometimes  only  a  portion  of  your  unknown  has  been  taken  for  analysis. 
For  example,  only  portions  of  the  Titanium  Group  solution  are  used 
for  the  detection  and  estimation  of  each  element.  Also,  the  solution 
from  the  fusion  residue  is  divided  into  two  equal  portions  and  these 
portions  are  analyzed  separately  for  the  Amphoteric  Group  and  for 
the  Acidic  Group  elements. 


Chapter   1 


Systems  of  Qualitative  Analysis 


The  system  of  chemical  analysis  presented  in  this  book  comprises  a 
series  of  procedures  which,  if  carried  out  systematically  and  intelli- 
gently, will  enable  you  to  take  a  sample  of  an  unknown  material  and 
detect  any  one  of  a  selected  number  of  the  chemical  elements  that  are 
present.  It  will  also  enable  you  to  make  an  approximate  estimate  of 
the  quantity  of  any  element  that  is  present.  This  system  is  limited  to 
26  elements  because  a  system  which  would  provide  for  all,  or  even  a 
large  proportion,  of  the  known  elements  would  be  tremendously 
complicated  and  extremely  time-consuming  to  use.1  The  elements 
included  in  this  system  have  been  selected  because  they  are  of  common 
occurrence  in  nature,  are  of  importance  in  industry,  or  in  certain  cases 
because  then  properties  and  reactions  are  illustrative  of  the  other 
elements  in  the  same  column  of  the  periodic  table.  Partly  for  this  last 
reason  all  of  the  reactive  elements  of  the  second  period  of  eight— 
from  sodium  to  chlorine — are  included,  and  many  of  the  first  period 
of  eighteen — from  potassium  to  bromine — are  also  provided  for.  In 
addition,  the  compounds  of  certain  elements  not  included  in  the  sys- 
tem are  used  as  reagents,  and  the  properties  and  reactions  of  these 
elements  are  discussed. 

i  Qualitative  Analysis  for  the  Rare  Elements  by  A.  A.  Xoyes  and  W.  C.  Bray  (Macmillan,  1927). 
presents  such  a  system.  The  title  is  misleading,  since  that  system  provides  for  nearly  all  of  the 
stable  metallic  and  metalloid  elements  both  "common"  and  "rare."  The  book  is  an.  invaluable, 
source  of  information  regarding  the  "solution  chemistry"  of  these  elements. 
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This  is  a  system  of  elemental  analysis  because  provision  is  made  only 
for  the  detection  of  the  chosen  elements,  regardless  of  their  initial 
oxidation  state  or  of  the  compounds  in  which  they  are  present.  (When 
atoms  were  thought  to  be  the  ultimate  particles,  the  term  "ultimate 
analysis"  was  applied  to  such  systems.) 

This  is  a  system  of  qualitative  analysis  because  it  provides  for  the 
detection  of  these  elements.  Also,  there  are  simple  quantitative  procedures 
which  enable  you  to  make  an  approximate  estimation  of  the  quantity  of 
any  element  present. 

The  quantitative  procedures  are  provided  because  a  strictly  qualita- 
tive analysis — one  which  only  detects  an  element  and  does  not  dis- 
tinguish between  trace  and  major  quantities — would  be  of  limited 
value  and  could  be  seriously  misleading.  This  is  true  since  certain 
tests  are  capable  of  detecting  exceedingly  minute  quantities  of  some 
elements — quantities  that  are  of  no  significance  whatsoever  in  the 
great  majority  of  analyses.  Therefore,  without  some  estimate  of  the 
amount  of  each  element  detected,  one  might  draw  false  conclusions 
about  the  characteristics  or  properties  of  a  sample.  Although  carried 
out  with  simple  equipment,  the  quantitative  procedures  are  frequently 
illustrative  of  the  methods  used  in  making  very  exact  quantitative 
determinations,  and  they  involve  the  same  reactions  and  principles. 


Types  of  Qualitative  Systems 

What  general  principles  are  involved  in  the  development  of  systems 
of  qualitative  analysis?  Let  us  imagine  a  scientist  without  training  or 
experience  in  qualitative  analysis  who  must  devise  a  system  that  will 
enable  him  to  detect  any  one  of  a  selected  group  of  elements  in  widely 
varying  types  of  materials. 

If  the  training  of  this  hypothetical  scientist  had  included  instru- 
mental and  physical  techniques,  he  would  be  aware  of  many  physical 
methods  applicable  to  the  analysis  of  materials.  If  he  were  properly 
trained,  he  might  use  instruments  such  as  the  emission  spectrometer, 
the  X-ray  photometer,  or  the  mass  spectrograph  for  measurements  ot 
emitted  or  absorbed  light,  for  the  X-ray  diffraction,  absorption,  or 
emission  measurements  or  for  atomic  or  molecular  weight  determina- 
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tions.  Such  methods  can  be  used,  under  certain  conditions,  to  obtain 
both  qualitative   and  quantitative  information,   sometimes   without 
destruction  of  the  sample.  Studies  of  the  index  of  refraction  of  the 
substance,  its  electromagnetic  absorption  spectrum,  and  its  thermal 
behavior  can  also  be  valuable  aids  to  the  analyst.  Usually,  however, 
such  methods  require  expensive  equipment.  A  modern  spectrophotom- 
eter may  cost  over  $20,000.  In  addition  the  effective  use  of  many 
instruments  requires  a  high  degree  of  skill  and  training,  and  often  ex- 
tensive calibration  and  testing  are  necessary.  Frequently,  the  results 
obtained  are  influenced  by  the  composition  of  the  material  or  by  the 
presence  of  interfering  elements  in  the  sample  to  such  a  degree  that 
physical  methods  cannot  be  applied  indiscriminately  to  all  materials. 
For  these  reasons  our  scientist  would  be  forced  to  resort  to  a  chem- 
ical approach;  that  is,  he  would  have  to  use  chemical  reactions.  Since 
most  such  reactions  of  analytical  importance  are  carried  out  in  aqueous 
solutions,  his  first  problem  is  to  dissolve  his  sample.  Some  very  in- 
soluble and  resistant  materials,  such  as  certain  minerals  and  alloys, 
may  cause  him  much  trouble;  however,  let  us  simplify  his  problem  and 
assume  that  his  samples  are  water  soluble  and  that  he  can  begin  with 
an  aqueous  solution. 

After  recourse  to  the  library,  this  scientist  will  probably  consider 
two  general  methods  of  approach  which  differ  widely  in  principle: 
a  system  of  "specific  reagents"  or  a  "group"  system.  The  system  of 
"specific  reagents"  uses  reagents  that  give  a  unique  or  specific  test 
for  each  element.  The  scientist  will  first  pour  a  portion  of  his  solution 
into  a  number  of  test  tubes— a  number  equal  to  the  number  of  ele- 
ments he  has  to  identify.  He  will  then  add  the  proper  specific  reagent 
to  each  of  his  test  tubes  and  record  the  result  in  his  notebook. 

Theoretically  this  is  a  very  appealing  system.  However,  the  scientist 
finds  that  it  has  several  practical  liabilities.  First,  the  sensitivity  of 
each  of  his  tests  is  reduced.  Let  us  assume  that  he  has  25  elements 
to  identify  and  that  he  has  divided  his  solution  equally  among  25  test 
tubes.  Only  -h  of  the  total  quantity  of  any  one  element  is  present 
in  a  given  tube;  the  sensitivity  of  each  test  is  reduced  correspondingly. 
A  second  and  more  serious  difficulty  is  to  find  really  specific  reagents. 
Many  elements,  particularly  those  occurring  in  the  same  column  of  the 
periodic  table,  are  extremely  similar  in  their  properties.  No  reagents 
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exist  that  will  detect  with  certainty  a  small  quantity  of  one  of  these 
elements  in  the  presence  of  a  large  quantity  of  the  others.  In  addition, 
the  properties  and  reactions  of  an  element  depend  upon  its  oxidation 
state  and  its  state  of  association  with  other  elements.  Thus  a  reagent 
which  would  detect  sulfur  as  sulfide  would  not  detect  it  as  sulfate; 
one  which  would  detect  sulfur  as  thiocyanate  would  not  detect  it  as 
sulfite.  A  preliminary  treatment  of  each  of  the  tubes  will  be  needed 
in  order  to  adjust  the  oxidation  state  and  state  of  association  of  the 
element  in  question. 

Furthermore,  while  specific  reagents  are  capable  of  giving  very 
sensitive  tests  for  a  single  element  when  it  is  the  only  element  present, 
they  are  likely  to  react  with  other  elements  to  give  colored  compounds 
or  precipitates  that  completely  obscure  the  test  for  the  element  of 
interest.  As  a  result,  the  preliminary  treatment  of  each  of  the  tubes 
would  have  to  be  extended  so  as  to  remove  such  interfering  substances. 
Specific  reagents  are  also  themselves  subject  to  change  by  oxidizing  or 
reducing  agents;  therefore,  many  of  the  tubes  would  have  to  be  treated 
to  remove  these  agents.  Because  of  these  difficulties  the  "specific 
reagent"  system  has  not  proved  to  be  generally  applicable.  Specific 
reagents  are  very  valuable  in  both  qualitative  and  quantitative  pro- 
cedures but  they  have  to  be  used  under  carefully  controlled  con- 
ditions. 

As  a  result  of  his  experience  with  the  specific  reagent  system,  our 
scientist  will  next  try  the  "group"  system.  First,  he  will  treat  his 
sample  so  as  to  fix  the  oxidation  state  of  each  element  he  is  identifying; 
in  the  system  of  this  book  such  treatment  is  part  of  the  process  of  pre- 
paring a  solution  of  the  sample.  He  will  next  use  a  reagent  whose 
properties  are  of  a  general  nature;  in  other  words,  a  reagent  which 
reacts  with  a  considerable  number  of  elements.  Usually  such  a  reagent 
forms  precipitates  with  these  elements.  These  precipitates  are  sep- 
arated from  the  solution  and  constitute  an  analytical  group. 

This  step  will  be  followed  by  more  group  separations,  using  other 
"general  nature"  reagents,  until  all  of  the  elements  to  be  identified  are 
separated  into  analytical  groups.  If  a  group  thus  separated  has  more 
than  about  four  elements,  our  scientist  will  treat  it  with  a  reagent  less 
general  in  character;  this  will  divide  the  large  group  into  subgroups. 
Then  the  individual  elements  of  these  smaller  groups  will  be  separated 
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and  finally  the  presence  of  each  element  will  be  confirmed  by  the  use 
of  "specific  reagents." 

The  group  system  has  the  following  advantages : 

1.  The  sensitivity  of  each  test  is  not  decreased  by  dividing  the 
sample. 

2.  The  use  of  a  group  reagent  can  establish  the  absence  of  all  mem- 
bers of  a  relatively  large  group  and  thus  eliminate  the  need  for  further 
tests  for  these  elements.  This  increases  the  speed  with  which  simple 
analyses  can  be  done. 

3.  Since  each  element  is  actually  isolated,  it  is  possible  to  obtain 
some  information  as  to  the  quantity  of  the  element  present. 

4.  The  principle  of  utilizing  the  more  general  properties  of  the  ele- 
ments, then  proceeding  to  the  less  general,  and  finally  to  the  specific 
presents  an  opportunity  for  a  correlation  of  the  system  with  the 
periodic  table.  This  correlation  aids  in  systematizing  a  very  large 
amount  of  descriptive  chemistry. 

One  reason  you  are  studying  the  system  of  analysis  presented  here  is 
to  learn  this  descriptive  inorganic  chemistry.  It  is  not  necessary  to 
memorize  all  of  the  details  of  the  procedures;  if  you  ever  have  to  do 
a  professional  analysis  it  will  be  far  better  to  return  to  this  or  some 
other  book  for  specific  directions.  You  must,  however,  learn  the  be- 
havior of  the  elements  studied  in  this  system.  Because  the  chemical 
properties  of  the  elements  are  related  to  the  electronic  configurations 
of  these  elements,  and  because  elements  in  the  same  column  of  the 
periodic  table  have  similar  electronic  configurations,  the  chemical 
properties  of  the  elements  can  be  related  to  their  position  in  the 
periodic  table. 

Much  descriptive  inorganic  chemistry  can  be  organized  and  classified 
within  a  system  of  qualitative  analysis,  and  therefore  such  a  system  is 
frequently  included  in  the  work  of  a  general  chemistry  course.  In  the 
laboratory  you  have  the  opportunity  to  carry  out  experiments  involv- 
ing the  various  types  of  chemical  reactions.  Your  experiments  illus- 
trate the  way  in  which  the  principles  of  chemical  equilibria  can  be 
used  to  control  these  reactions.  These  experiments  utilize  a  variety  of 
the  techniques  that  are  employed  analytically,  industrially,  and  for 
chemical  research.  You  should  realize  that  many  of  the  reactions  you 
will  carry  out  are  basic  to  important  industrial  processes,  and  that 
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although  you  are  working  on  a  much  smaller  scale,  the  same  principles 
and  techniques  are  employed  in  the  commercial  utilization  of  these 
reactions. 

You  may  have  heard  someone  say  that  because  of  the  recent  de- 
velopment of  new  analytical  instruments,  systems  of  qualitative 
analysis  have  lost  their  professional  usefulness.  New  techniques  using 
these  instruments  have  indeed  reduced  the  professional  value  of  qual- 
itative systems,  especially  those  which  fail  to  provide  quantitative 
information.  However,  the  instructional  potentialities  of  a  qualitative 
system  alone  are  sufficient  to  justify  its  use.  It  is  the  purpose  of  this 
system  of  analysis  to  show 

(a)  how  (and  why)  the  general  properties  of  elements  are  different  in 
different  positions  in  the  periodic  table — these  differences  will  be  the 
basis  for  the  group  separations. 

(b)  how  even  closely  related  elements  have  some  chemical  differences — 
these  differences  will  be  the  basis  for  the  detection  of  the  individual 
elements. 

On  the  other  hand,  one  would  have  more  interest  in  using  a  system 
which  was  of  analytical  significance  rather  than  a  mere  pedagogical 
device.  For  this  reason  it  seems  worth  while  to  describe  briefly  the 
background  of  the  system  of  analysis  used  in  this  book. 

At  the  beginning  of  World  War  II,  the  Chemical  Warfare  Service 
needed  a  means  for  the  rapid  identification  of  any  new  or  unknown 
chemical  agent  which  might  be  used  by  the  enemy.  As  has  been  ex- 
plained, instrumental  methods  were  not  generally  applicable;  more- 
over, many  analytical  instruments  are  not  portable,  nor  are  they  easily 
serviced.  To  meet  wartime  needs  systematic  procedures  were  de- 
veloped, after  several  years'  effort,  by  a  group  of  chemists  at  the 
California  Institute  of  Technology.  These  procedures  included  a  sys- 
tem of  analysis  which  provided  for  the  detection  and  estimation  of 
32  elements  selected  on  the  basis  of  their  possible  use  in  toxic  agents, 
incendiaries,  and  other  chemical  munitions.  A  20  to  40  mg  sample  was 
used;  any  element  constituting  1%  of  the  sample  could  be  detected, 
and  by  means  of  volumetric  and  colorimetric  methods  the  quantity 
of  any  element  present  could  be  estimated  to  within  ±0.3  mg.  Syringe- 
type  microburets  and  photoelectric  colorimeters  were  used  in  the 
estimation  procedures. 
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The  first  step  in  this  system  differed  from  conventional  qualitative 
systems  in  that  the  sample  was  fused  with  sucrose  and  an  excess  of 
sodium  peroxide  in  a  nickel  bomb.  The  fusion  mass  was  treated  with 
water,  giving  an  insoluble  residue  containing  those  elements  whose 
oxides  are  so  basic  as  to  be  essentially  insoluble  in  this  strongly  alkaline 
solution.  This  residue  was  called  the  Basic  Element  Group.  The  solu- 
tion was  divided  into  two  portions.  One  portion  was  analyzed  for  the 
elements  whose  oxides  are  predominantly  amphoteric  (having  both 
basic  and  acidic  characteristics);  these  elements  were  called  the  Am- 
photeric Element  Group.  The  other  portion  was  analyzed  for  the  ele- 
ments forming  predominantly  acidic  oxides  and  these  elements  were 
called  the  Acidic  Element  Group.  These  titles  are  not  rigorously 
correct;  it  is  not  the  elements  but  their  compounds  which  are  basic, 
acidic,  and  amphoteric.  However,  we  will  retain  the  titles  in  this  sys- 
tem because  of  their  convenience.  The  relationships  between  electronic 
structure  and  these  several  types  of  oxides  are  discussed  in  Chapter  6, 
page  98. 

Although  chemical  warfare  never  developed,  this  system  was  used 
for  various  analytical  purposes  by  the  Chemical  Warfare  Service 
throughout  the  war,  and  after  the  war  it  was  employed  in  the  identifi- 
cation of  toxic  agents  found  in  enemy  territory.2 

As  suggested  earlier,  the  instructional  value  of  a  system  of  analysis 
depends  upon  the  correlation  of  the  major  group  separations  with  the 
general  properties  of  the  elements — that  is,  properties  that  can  be 
correlated  with  the  periodic  table,  and  with  the  structural  relation- 
ships responsible  for  the  periodicity.  A  consideration  of  the  major 
group  separations  of  the  Chemical  Warfare  Service  system  of  analysis 
indicates  that  they  are  superior  in  this  respect  to  conventional  systems. 
The  system  presented  in  this  text  is  a  modification  and  simplification 
of  the  Chemical  Warfare  system. 


Organization  of  This  Book 

This  book  contains  three  sections.  The  remaining  chapters  of  Sec- 
tion I  review  the  chemical  principles  that  are  the  foundations  of  any 

2  A  brief  description  of  this  system  was  published  by  Swift  and  Niemann  in  Analytical  Chem- 
istry, 26,  538  (1954);  otherwise  it  has  not  been  made  generally  available. 
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analytical  system.  These  principles  are  presented  in  your  general 
chemistry  course  and  where  it  seems  appropriate  you  will  be  advised 
to  review  them.  Consequently,  although  there  will  be  some  review, 
the  treatment  here  will  be  based  upon  the  assumption  that  you  have 
some  familiarity  with  these  principles,  and  only  topics  directly  related 
to  this  system  of  analysis  will  be  covered. 

Section  II  deals  with  the  techniques  of  analytical  chemistry.  It 
includes  instructions  regarding  the  equipment  you  will  need  in  the 
laboratory  and  advises  you  on  how  best  to  keep  your  notebook.  It 
suggests  a  method  of  study  based  upon  the  method  of  instruction  in 
this  book.  It  provides  detailed  directions  for  your  preliminary  lab- 
oratory work. 

Methods  of  constructing  certain  pieces  of  useful  equipment  of  glass 
are  described  first.  Then  directions  and  suggestions  are  given  for  some 
of  the  more  common  operations  of  analytical  chemistry.  The  laboratory 
work  of  analytical  chemistry  requires  not  only  an  appreciation  and  use 
of  scientific  principles  and  factual  material,  but  also  a  high  degree  of 
artistic  skill.  Some  people  are  so  fortunate  as  to  be  born  with  a  facility 
for  this  type  of  work,  while  others  have  to  acquire  it  by  painstaking 
and  thoughtful  practice.  It  is  a  pleasure  to  see  the  clean,  orderly  desk 
and  the  precise  and  efficient  movements  of  one  who  has  acquired  this 
laboratory  skill.  One  cringes  to  have  to  watch  the  sloppy  and  ineffectual 
efforts  of  a  careless  or  indifferent  worker. 

Section  III  contains  the  system  of  analysis.  In  the  system  of  analysis 
each  step  or  unit  operation  is  called  a  Procedure  (P.)  and  each  of  the 
procedures  is  divided  into  three  sections.  First,  there  is  a  Discussion 
which  is  intended  to  enable  you  to  understand  the  principles  and 
reactions  on  which  the  procedure  is  based.  The  Discussion  is  followed 
by  Instructions  which  tell  you  how  to  perform  the  laboratory  opera- 
tions. Finally,  there  are  Notes  which  explain  unusual  details  of  the 
laboratory  work,  provide  for  unusual  combinations  or  quantities  of 
elements,  or  aid  in  interpreting  your  observations. 

Appendixes  at  the  back  of  the  book  contain  tables  of  data  useful 
for  interpreting  or  predicting  the  results  of  experimental  work,  and 
for  solving  problems. 
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QUESTIONS   AND  PROBLEMS 


1.  What  information  can  be  obtained  by  the  use  of  the  system  of  analysis 
in  this  book? 

2.  Do  you  know  of  any  other  physical  methods  available  by  means  of 
which  such  information  can  be  obtained?  Explain  the  physical  properties 
on  which  these  methods  are  based.  Discuss  their  advantages  and  limitations. 

3.  What  is  meant  by  a  qualitative  analysis?  Why  is  a  strictly  qualitative 
system  of  little  practical  value? 

4.  What  is  meant  by  a  system  of  elemental  analysis?  Of  ultimate  analysis? 

5  Could  the  use  of  the  system  of  analysis  of  this  book  distinguish  be- 
tween (a)  FeS04-H,0  and  Fe2(S04)3-9H20?  (b)  K4Fe(CN)6  and  K3Fe(CN)6? 
(c)  KCN  and  KCXO?  (d)  KSCN  and  a  mixture  of  KCN  and  KHS? 

6.  Discuss  the  relative  merits  of  "specific  reagent"  and  "group"  systems 
of  analysis. 

7.  What  constitutes  a  Procedure  in  this  book?  What  type  of  material  is 
presented  in  the  Discussions?  The  Instructions?  The  Notes? 


Chapter  Z 


Definitions  of  Terms  and  Units 


Accuracy  and  brevity  in  the  communication  of  scientific  ideas  and 
facts  require  that  terms  be  rigorously  defined  and  clearly  understood. 
Unfortunately,  there  has  not  been  general  agreement  as  to  the  defi- 
nition of  all  of  the  terms  used  in  the  chemical  literature.  For  this 
reason,  terms  used  in  this  book  for  expressing  the  quantities  and  the 
concentrations  of  chemical  substances  are  defined  below,  beginning 
with  certain  metric  units. 

Units  of  the  Metric  System 

Length 

The  metric  unit  of  length  is  the  meter,  which  is  defined  as  1,650,763.73 
times  the  wave  length  of  the  orange-red  light  of  krypton  86.  Formerly 
the  meter  was  defined  as  the  distance  between  two  scratches  on  the 
standard  platinum-iridium  meter  bar  kept  at  the  International  Bureau 
of  Weights  and  Measures  in  Paris.  This  bar,  now  a  secondary  standard, 
is  still  used  as  a  convenient  reference  for  comparison  purposes.  For  all 
metric  units,  the  prefixes  centi  and  milli  are  used  to  designate  1/100 
and  1/1000,  respectively,  of  the  unit  to  which  they  are  applied.  Thus 
the  centimeter  is  10-2  meter  and  the  millimeter  is  10-3  meter  or  10_1 
centimeter. 

17 
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Mass 

The  metric  unit  of  mass  is  the  gram;  it  is  one-thousandth  the  mass 
of  the  standard  kilogram.  The  standard  kilogram  is  a  platinum- 
iridium  weight  which  also  is  kept  in  Paris.  When  this  standard  kilo- 
gram was  prepared  the  intention  was  that  it  have  the  same  mass  as 
1000  cm3  of  water  at  its  maximum  density,  3.98°  C.  Later  measure- 
ments indicate,  however,  that  the  standard  kilogram  actually  weighs 
about  28  mg  more  than  was  intended. 

Volume  and  Capacity 

The  unit  of  volume  can  be  derived  from  the  unit  of  length  and  is 
the  cubic  centimeter,  abbreviated  cc  or  cm3.  However,  for  convenience 
in  calibrating  irregularly  shaped  containers,  a  unit  based  on  the  weight 
of  a  pure  liquid  is  more  convenient.  For  this  reason  the  unit  of  volume 
or  capacity  which  is  used  in  volumetric  measurements  is  the  liter. 
The  liter  is  the  volume  occupied  by  1  kilogram  of  water  at  3.98°  C. 
Had  there  been  no  error  in  the  preparation  of  the  standard  kilogram, 
1  liter  would  have  been  exactly  1000  cm3;  because  of  the  error,  1  liter 
is  1000.028  cm3. 


Units  of  Chemical  Quantity 

Atomic  Weights 

There  are  two  atomic  weight  scales.  The  chemical  atomic  weight 
scale,  which  is  used  by  chemists  for  calculating  weight  relationships, 
is  a  relative  system  in  which  naturally  occurring  oxygen  is  arbitrarily 
assigned  an  atomic  weight  of  16.0000.  The  physical  atomic  weight 
scale  is  likewise  a  relative  system  in  which  the  isotope  O16  is  assigned 
an  atomic  weight  of  16.0000.  The  chemical  atomic  weight  scale  is 
used  in  this  book.1  A  gram-atomic  weight  (gaw)  of  an  element  is  the 

1  A  unified  scale  of  atomic  weights  for  use  by  both  chemists  and  physicists  was  approved  in 
1961.  This  scale  assigns  to  C12  the  weight  12.0000;  the  change  in  the  atomic  weights  of  the 
chemists'  scale  is  only  about  40  parts  per  million,  an  insignificant  change  for  most  purposes. 
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atomic  weight  in  grams.  A  table  of  atomic  weights  appears  inside  the 
back  cover  of  this  book. 

Formula  Weights 

A  gram-formula  weight  of  a  pure  substance,  usually  shortened  to 
formula  weight  and  abbreviated  gfw,  is  that  weight  in  grams  repre- 
sented by  the  formula  weight  of  that  substance.  The  formula  weight 
can  be  calculated  from  the  formula  of  the  substance  and  the  atomic 
weights  involved.  For  example,  the  formula  weight  of  PbS04  =  207.21 
+  32.07  +  (4  X  16.00)  =  303.28  g.  We  shall  make  extensive  use  of  the 
milliformula  weight  or  the  formula  weight  in  milligrams  (mfw). 

Molecular  Weights 

A  gram-molecular  weight  (usually  called  a  mole)  of  a  substance  is 
that  weight  in  grams  represented  by  the  molecular  weight  of  that 
substance.  The  molecular  weight  of  iodine,  I2,  is  126.91  X  2  =  253.82. 
The  ability  to  distinguish  between  formula  weights  and  molecular 
weights  is  a  necessity,  since  formula  weights  can  be  used  to  designate 
an  exact  quantity  of  a  substance  regardless  of  whether  the  molecular 
weight  is  or  is  not  known  under  the  prevailing  conditions.  Thus,  one 
gram-formula  weight  of  water,  H2O,  in  the  liquid  state  would  be 
2  X  1.008  -f-  16.000  =  18.016  g;  one  gram-molecular  weight  would  be 
an  uncertain  quantity  since  water  in  the  liquid  state  exists  as  (H20)2 
and  more  complex  molecules.  Extensive  use  is  also  made  of  the  milli- 
mole  (abbreviated  mmole),  which  is  the  molecular  weight  in  milligrams. 

Equivalent  Weights 

A  gram-equivalent  weight  (for  brevity  usually  called  an  equivalent) 
of  a  substance  is  by  definition  that  weight  in  grams  of  the  substance 
which,  under  specified  conditions,  reacts  directly  or  indirectly  with 
1  gram  atom,  or  1.008  g,  of  hydrogen,  or  which  will  react  with  that 
quantity  of  another  substance  which  reacts  with  1  gram  atom  of 
hydrogen. 

For  example,  2  gram  atoms  of  hydrogen  as  1  mole  of  hydrogen  gas, 
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Ho,  can  be  made  to  react  with  2  gram  atoms  of  chlorine  as  1  mole  of 
chlorine  gas  to  give  2  moles  of  hydrogen  chloride  gas.  The  equation 
for  the  reaction  is 

H2(<7)  +  Cl,(fif)  =  2HC1(<7) 

(The  abbreviations  (g),  (I),  (s),  and  (aq)  indicate  that  the  substance 
is  in  the  gaseous,  liquid,  or  solid  state,  or  is  in  an  aqueous  solution.)  As 
a  result  of  the  definition  above,  1  gram-atom  of  chlorine  is  1  equivalent, 
and  1  mole  of  chlorine,  Cl2,  contains  2  equivalents  in  this  reaction. 

Also,  one  gram-formula  weight  of  aqueous  hydrogen  chloride  can 
be  made  to  combine  with  one  gram-formula  weight  of  sodium  hy- 
droxide to  give  water  and  sodium  chloride  by  the  reaction 

HC1  +  NaOH  =  NaCl  +  H20 

(The  formulas  of  the  compounds  involved  have  been  used  in  writing 
this  and  the  following  equations,  because  we  are  considering  only  the 
stoichiometric  relationships — that  is,  the  relationships  based  on  weights 
of  elements  and  compounds.  These  equations  are  called  formula  equa- 
tions. When  considering  the  equilibria  of  reactions,  so-called  ionic 
equations  will  be  used;  such  equations  show  explicitly  the  species, 
that  is,  the  ions,  molecules,  solids,  and  gases  influencing  the  reaction.) 
By  definition  one  atom  of  hydrogen,  in  this  case  as  hydrogen  ion,  is  one 
equivalent.  Therefore  one  gram-formula  weight  of  HC1  is  one  gram- 
equivalent  weight.  Since  one  gram-formula  weight  of  NaOH  reacts 
with  one  equivalent  weight  of  HC1,  then  one  gram-formula  weight  of 
NaOH  is  by  the  above  definition  one  gram-equivalent  weight,  or  one 
equivalent,  for  this  reaction. 

Again,  as  a  result  of  the  above  definition,  when  the  following  reaction 

takes  place 

AgNOs  +  HC1  =  AgCl(s)  +  HN03 

one  formula  weight  of  silver  nitrate  is  also  one  equivalent  of  silver 
nitrate  since  it  has  reacted  with  one  equivalent  of  hydrogen  chloride. 
The  equivalent  weight  of  a  compound  is  not  uniquely  fixed  unless 
the  reaction  involved  is  specified.  As  an  example,  consider  the  case 
of  one  gram-equivalent  weight  of  sodium  hydroxide  reacting  with  one 
gram-formula  weight  of  phosphoric  acid  under  such  conditions  that 
the  reaction  is  represented  by  the  equation 

NaOH  +  H3PO4  =  NaH2P04  +  H20 
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At  first  one  might  think  that  one  formula  weight  of  phosphoric  acid 
must  be  three  equivalent  weights  because  there  are  three  hydrogen 
atoms.  This  is  not  the  case  because  only  one  of  the  hydrogens  has  taken 
part  in  this  reaction.  Therefore,  for  this  particular  reaction  one  formula 
weight  of  H3PO4  is  one  equivalent;  this  conclusion  is  also  consistent 
with  the  fact  that  one  formula  weight  of  H3P04  has  reacted  with  one 
formula  weight  of  NaOH,  which  has  been  seen  above  to  be  one  equiv- 
alent for  this  type  of  reaction. 

Under  different  conditions  NaOH  and  H3P04  will  react  as  repre> 
sented  by  this  equation 

2NaOH  +  H3PO4  =  Na2HP04  +  2H20 

In  this  case  two  hydrogens  of  the  H3P04  have  been  displaced  and  one 
formula  weight  of  phosphoric  acid  has  reacted  with  two  formula 
weights  of  sodium  hydroxide.  Therefore,  for  this  particular  reaction, 
one  formula  weight  of  H3P04  has  two  equivalent  weights;  this  means 
that  for  this  reaction  the  equivalent  weight  of  H3P04  is  one-half  the 
formula  weight. 

Under  still  different  conditions  another  reaction  can  be  made  to 
take  place 

3NaOH  +  H3PO4  =  Na3P04  +  3H20 

In  this  case  one  formula  weight  of  H3P04  has  three  equivalents  and 
one  obtains  an  equivalent  weight  of  H3P04  by  taking  only  f  of  a 
formula  weight. 

It  follows  from  these  examples  that  we  cannot  specify  the  equivalent 
weight  of  a  substance  unless  the  reaction  involved  is  either  specified  or 
definitely  understood. 

Metathetical  and  Oxidation-Reduction  Reactions 

The  precipitate  formation  and  acid-base  reactions  given  above 
represent  what  are  known  as  metathetical  reactions.  The  word  metathesis 
is  of  Greek  derivation  and  means  literally  "to  place  differently."  Thus 
in  metathetical  reactions  there  is  a  rearrangement  of  ions  or  molecules 
because  of  solubility  or  ionization  effects  but  there  is  no  change  in 
oxidation  states.  When  changes  in  oxidation  states  are  involved  we 
have  what  is  called  an  oxidation-reduction,  or  redox,  reaction.  (The 
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terms  connected  with  oxidation-reduction  reactions,  such  as  oxidation 
state,  oxidation  number,  oxidizing  agent,  etc.,  are  defined  at  the  begin- 
ning of  the  discussion  of  oxidation-reduction  reactions,  Chap.  4, 
p.  52.) 

The  reaction  of  hydrogen  and  chlorine  on  page  20  is  an  example 
of  a  redox  reaction;  we  have  another  example  when  metallic  zinc  is 
dissolved  in  hydrochloric  acid  as  shown  by  the  equation 

Zn(«)  +  2HC1  =  ZnCl2  +  Kt(g) 

Here  the  zinc  has  acted  as  a  reducing  agent  and  the  hydrogen  ion 
as  an  oxidizing  agent.  The  zinc  has  gone  from  an  oxidation  number  of 
zero  in  the  metal  to  one  of  plus-two  in  the  zinc  chloride  as  the  result 
of  losing  two  electrons.  The  hydrogen  of  the  hydrochloric  acid  has 
gained  an  electron  and  has  gone  from  an  oxidation  number  of  plus-one 
in  the  hydrochloric  acid  to  one  of  zero  as  hydrogen  gas.  One  atom  of 
hydrogen  is  again  by  definition  one  equivalent  when  there  is  one 
unit  change  in  the  oxidation  number  of  the  hydrogen.  More  funda- 
mentally, we  can  use  a  one-electron  change,  or  a  change  of  one  unit 
in  oxidation  number,  to  define  an  equivalent  in  oxidation-reduction 
reactions.  Using  either  approach,  it  is  seen  that  one  gram  atom  of 
zinc  in  this  reaction  represents  two  equivalents,  or  that  the  equivalent 
weight  is  one-half  the  atomic  weight. 

This  may  be  more  clearly  seen  from  the  two  half-cell  reactions 
involved  in  the  above  zinc-hydrochloric  acid  reaction.  The  half-cell 
reactions  can  be  formulated  as  follows: 

H2(g)  =  2H+  +  2e- 

Zn(«)  =  Zn++  +  2e- 

Here  one  electron  per  atom  is  involved  in  the  change  from  elementary 
hydrogen  as  hydrogen  gas  to  hydrogen  ion.  Therefore,  one  gram  atom 
of  hydrogen  represents  one  equivalent.  Two  electrons  are  involved  in 
the  change  of  one  atom  of  zinc  to  dipositive  zinc  ion  and  therefore 
one  gram  atom  of  zinc  represents  two  equivalents. 

By  the  same  reasoning  one  may  say  that  for  the  reaction 

Fe(«)  +  2HC1  =  FeCl,  +  H2(flr) 

one  gram  atom  of  iron  represents  two  equivalents.  Therefore  the 
equivalent  weight  of  metallic  iron  for  the  above  reaction  is  one-half 
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the  atomic  weight.  This  will  be  the  case  for  any  reaction  where  the 
iron  half-cell  reaction  is 

Fe(s)  =  Fe++  +  2e~ 

However,  for  the  reaction 

Fe(*)  +  fCl2(</)  =  FeCl3(5) 
one  atom  of  iron  represents  three  equivalents,  and  the  equivalent 
weight  of  the  iron  is  one-third  of  the  atomic  weight  of  iron.  As  seen 
previously,  one  molecular  weight  of  chlorine,  Cl2,  represents  two  equiv- 
alents, and  the  equivalent  weight  of  Cl2  is  one-half  the  molecular 
weight. 

These  reactions  of  iron  again  show  that  the  equivalent  weight  of  a 
substance  is  dependent  upon  the  reaction  taking  place,  and  that 
one  cannot  specify  the  equivalent  weight  of  a  substance  unless  the  reaction 
involved  is  likewise  specified. 

Abbreviations 

As  explained  on  p.  178,  the  operations  of  this  system  of  analysis 
are  carried  out  on  a  semimicro  scale,  so  that  it  is  more  convenient  to 
use  milligrams  and  milliliters  as  units,  rather  than  grams  and  liters. 
The  various  units  that  have  been  discussed  are  shown  below,  together 
with  their  abbreviations  and  symbols. 

meter,  m;  centimeter,  cm;  cubic  centimeter,  cc  or  cm3;  millimeter,  mm 

gram,  g;  kilogram,  kg;  milligram,  mg 

liter,  I;  milliliter,  ml 

gram-atomic  weight,  gaw;  milligram-atomic  weight,  maw 

gram-formula  weight,  gfw;  milligram-formula  weight,  mfw 

gram-molecular  weight,  mole;  milligram-molecular  weight,  mmole 

gram-equivalent  weight,  eq;  milligram-equivalent  weight,  meq 


Units  of  Concentration 

Many  and  varied  units  have  been  used  for  expressing  concentra- 
tions. In  order  to  avoid  confusion  one  must  understand  clearly  which 
units  are  being  used.  Two  general  classifications  are  in  current  use; 
volume  concentrations,  which  state  the  quantity  of  substance  per  unit 
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of  volume,  and  weight  concentrations,  which  state  the  quantity  per 
unit  of  weight.  Because  a  majority  of  the  operations  of  analytical 
chemistry  are  carried  out  with  aqueous  solutions  and  because  you 
can  measure  the  volume  of  a  liquid  more  rapidly  and  easily  than  you 
can  weigh  a  solid,  reagents  are  usually  added  as  known  volumes  of 
solutions  of  known  concentrations.  For  this  reason  volume  concentra- 
tions are  discussed  in  detail  below. 

Volume  Concentrations 

As  stated  previously,  the  liter  is  the  metric  unit  of  capacity.  The 
calibrations  marked  on  the  volumetric  apparatus  you  will  use  (grad- 
riated  cylinders,  flasks,  burets,  etc.)  are  based  on  this  unit,  although 
for  convenience  the  calibrations  are  usually  marked  in  milliliters.  In 
this  text  three  units  will  designate  the  quantity  of  the  solute  (dissolved 
substance)  present  per  liter  of  solution.  Each  of  these  units  is  used  for 
a  particular  purpose,  and  unless  employed  with  understanding  and 
discrimination  confusion  will  result.  These  weight  units  and  their 
corresponding  concentration  units  are  shown  in  Table  1.  Their  usage 
is  discussed  in  the  following  paragraphs. 

TABLE  1.     Units  Used  in  this  Book  for  Expressing  the  Composition  and  Con- 
centrations of  Solutions 


Designation 


Volume  Concentrations 

Volume-formal  or 
Formal;  formality 

Volume-molal  or  Molar;* 
molarity 

Volume-normal  or 
Normal;  normality 

Weight  Concentrations 
Weight  per  cent 


Abbreviation 
or  Symbol 


VF  or  F 


VM  or  M 


VN  or  N 


% 


Definition 


Gram-formula  weights  of  solute  per 
liter  of  solution 

Gram-molecular  weights  of  solute  per 
liter  of  solution 

Gram-equivalent   weights   of   solute 
per  liter  of  solution 

Grams  of  solute  X  100 

Grams  of  solute  +  grams  of  solvent 


*  By  long  usage  the  term  expected  here,  molal,  has  come  to  be  accepted  as  referring  to  weight 
molal.  The  term  molar  is  widely  used  to  designate  volume  molal.  In  order  to  avoid  confusion  we 
will  use  the  accepted  term  for  volume  molal — molar — in  this  book. 
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Formality  (volume  formality).  A  one  formal  (1  F)  solution  contains  one 
gram-formula  weight  of  a  substance  per  liter  of  solution.  To  prepare 
a  one  formal  solution,  weigh  out  one  gram-formula  weight  of  the  sub- 
stance, dissolve  it  in  water,  and  dilute  the  solution  to  one  liter.  (For 
accurate  quantitative  work  the  temperature  must  be  known  and 
specified.  Nearly  all  volumetric  glassware  is  calibrated  for  use  at 
20°  C.)  Only  the  total  quantity  of  the  substance  taken  is  specified  and 
there  are  no  implications  as  to  the  molecular  or  ionic  species  actually 
existing  in  the  solution.  Thus,  alF  solution  of  acetic  acid,  CH3COOH, 
contains  in  one  liter  of  solution  one  gram-formula  weight  of  the  acid, 
i.e.,  60.03  g  of  CH3COOH.  There  are  no  implications  as  to  the  subsequent 
ionization  of  the  acid,  or  as  to  the  resulting  concentrations  of  the  un- 
ionized acid,  the  acetate  ion,  or  the  hydrogen  ion. 

Molarity  {volume  molality).  A  one  volume  molal,  or  one  molar  (1  M)  solu- 
tion contains  one  gram-molecular  weight  of  a  definitely  stated  chem- 
ical species  (molecule  or  ion)  per  liter  of  solution.  In  the  one  formal 
acetic  acid  solution  mentioned  above,  about  0.4%  of  the  acetic  acid 
is  ionized  into  acetate  ions  and  hydrogen  ions.  Therefore  the  molar 
concentration  of  the  un-ionized  acetic  acid  is  0.996,  the  molar  con- 
centration of  the  hydrogen  ion  is  0.004,  and  the  molar  concentration 
of  the  acetate  ion  is  0.004.  Square  brackets  around  a  chemical  formula 
are  used  to  indicate  molar  concentrations;  thus  the  equilibrium  expres- 
sion for  the  ionization  of  acetic  acid  would  be  written 

[H+][CH3COO-]       R 
[CH3COOH]  Ioniz 

and  in  the  above  solution  the  [CH3COOH]  =  0.996. 

By  the  use  of  the  two  concentration  units,  formality  and  molarity 
(volume  molality),  one  can  without  ambiguity  distinguish  between 
the  total  concentration  of  a  compound  and  the  individual  concentra- 
tions of  the  resulting  molecular  and  ionic  species.  Formal  concentra- 
tions are  used  in  stoichiometric  calculations,  while  the  molar  concen- 
trations of  specific  species  are  used  in  mass-action  expressions  and 
calculations  involving  such  expressions. 

A  warning  is  very  much  in  order  here.  Unfortunately,  the  term 
molar  is  used  extensively  to  designate  both  volume  formal  and  volume 
molal  concentrations  and  as  a  result  we  can  be  uncertain  as  to  which 
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is  meant.  The  acetic  acid  solution  discussed  above  affords  an  example 
of  this  uncertainty.  If  we  are  not  precise  in  our  use  of  these  units  the 
statement  that  such  a  solution  is  "1  molar"  creates  uncertainty  as  to 
whether  there  is  one  gram-formula  weight  of  acetic  acid,  or  one  gram- 
molecular  weight  of  only  the  un-ionized  acid,  per  liter  of  solution. 
Rigorous  maintenance  of  the  distinction  between  formality  and  molar- 
ity will  make  such  confusion  impossible.  We  will  rigorously  and  con- 
sistently maintain  the  distinction  between  these  two  units,  both  for 
clarity  and  precision. 

Normality  {volume  normality) .  A  one  normal  (1  N)  solution  contains  one 
gram-equivalent  weight  of  a  substance  per  liter  of  solution.  This  unit 
is  extensively  used  because  it  simplifies  calculation  of  either  the  vol- 
ume of  a  reagent  required  for  a  reaction  or,  especially  in  volumetric 
analyses,  the  quantity  of  a  substance  which  has  reacted  with  a  known 
volume  of  a  standard  solution.  However,  the  equivalent  weight  of  a 
substance  is  determined  by  the  reaction  taking  place,  as  has  been 
explained  above;  therefore  a  single  substance  may  have  more  than  one 
equivalent  weight. 

For  this  reason  the  normal  concentration  of  a  solution  is  not  uniquely 
fixed  but  can  vary  with  the  use  made  of  the  solution.  To  avoid  con- 
fusion and  error,  formal  concentrations  will  be  applied  exclusively  to 
the  reagents  used  in  this  system.  When  the  reaction  for  which  that 
reagent  is  to  be  used  is  known,  the  conversion  to  normal  concentra- 
tions is  a  simple  matter. 

Weight  Concentrations 

As  a  solution  expands  and  contracts  with  changes  in  temperature 
its  volume  concentration  will  likewise  change.  However,  a  concentra- 
tion expressed  in  terms  of  the  quantity  of  solute  dissolved  in  a  given 
weight  of  solvent  or  of  solution  will  be  independent  of  temperature. 
For  this  reason  weight  concentrations  are  frequently  used  in  physico- 
chemical  and  thermodynamic  considerations.  For  such  purposes  weight 
concentrations  usually  are  expressed  in  terms  of  the  quantity  of  the 
solute  associated  with  a  thousand  grams  of  solvent.  For  analytical 
purposes  such  as  weight  titrations  the  quantity  of  solute,  usually  the 
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equivalents,  per  thousand  grams  of  solution  are  used.  As  with  volume 
concentrations,  the  quantity  of  the  solute  can  be  expressed  in  terms 
of  the  gram-formula,  -molecular,  or  -equivalent  weight,  to  give  weight 
formal,  weight  molal,  and  weight  normal  solutions. 

The  weight-per  cent  is  extensively  used  for  expressing  the  composition 
of  commercial  solutions.  Thus  the  labels  on  the  bottles  of  the  concen- 
trated acids  usually  state  the  per  cent  by  weight  of  that  particular  acid. 
The  weight-per  cent  is  the  only  weight  concentration  used  in  this  book. 

Reagents  Used  in  This  System 

The  concentrations  of  the  reagents  that  are  to  be  used  in  this  system 
are  always  specified.  These  reagents  are  carefully  prepared  and  the 
quantity  used  should  be  carefully  measured  so  that  the  proper  condi- 
tions will  be  obtained.  Detailed  directions  for  the  preparation  of  the 
reagents  are  given  in  Appendix  7,  p.  451. 

Your  use  of  the  reagents  will  be  facilitated  if  you  remember  the 
following  general  facts  regarding  their  concentrations : 

The  concentrations  of  the  dilute  desk  acids  and  bases  are  as  follows: 
the  CH3COOH,  HC1,  HNO3,  and  NH4OH  are  6  F,  the  H2S04,  3  F; 
therefore  all  are  6  N  when  used  in  acid-base  reactions. 

The  concentrated  acids  and  bases,  with  the  exception  of  the  H2S04, 
are  the  commercially  available  products  and  are  approximately  as 
follows:  CH3COOH,  99.6%,  17  F;  HC1,  37%,  12  F;  HN03,  69%,  16  F; 
NH4OH,  58%,  15  F.  The  commercial  H2S04  is  diluted  1 :1  with  water 
to  give  a9  F  solution  which  is  much  safer  to  use. 

The  reagent  salt  solutions  are  usually  1  N  when  used  for  metathetical 
reactions;  to  avoid  uncertainty,  only  their  formal  concentrations  are 
stated  on  the  bottles. 

In  some  cases  the  laboratory  instructions  will  specify  the  use  of  a 
reagent  which  is  more  dilute  than  the  one  provided.  In  such  cases 
you  are  to  prepare  this  solution  by  appropriate  dilution  of  the  available 
reagent. 

A  known  solution  of  each  element  included  in  this  system  is  available; 
these  solutions  contain  10  milligrams  of  the  stated  element  per  milli- 
liter. They  enable  you  to  prepare  comparison  knowns  for  analysis, 
to  standardize  solutions  used  for  titrations,  and  to  prepare  comparison 
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precipitates  or  colors  as  aids  in  estimating  the  quantity  of  an  element 
which  has  been  found  present.  The  compounds  from  which  they  are 
prepared  and  the  directions  for  their  preparation  are  given  in  Ap- 
pendix 8,  p.  455. 


QUESTIONS  AND  PROBLEMS 


Slide-rule  accuracy  is  adequate  for  the  numerical  calculations. 

1.  What  is  the  metric  unit  of  length?  Of  mass? 

2.  What  was  the  intended  relationship  between  these  units? 

3.  What  is  the  metric  unit  of  volume?  Of  capacity? 

4.  What  is  the  relationship  between  these  units? 

5.  What  justification  is  there  for  having  both  units? 

6.  Define  the  following  units  of  chemical  quantity : 

(a)  atomic  weight 

(b)  gram-atomic  weight 

(c)  gram-formula  weight  (formula  weight) 

(d)  gram-molecular  weight  (mole) 

(e)  gram-equivalent  (equivalent) 

7.  What  is  meant  by  the  following  abbreviations :  (a)  cm,  (b)  cm3,  (c)  mg, 
(d)  ml,  (e)  gaw,  (/)  maw,  (g)  mfw,  (h)  mmole,  (i)  meq 

8.  Define  the  following  units  of  concentration: 

(a)  volume  formality  (VF  or  F) 

(b)  volume  molality  or  molarity  (VM  or  M) 

(c)  volume  normality  (VN  or  N) 

(d)  weight  formality  (WF) 

(e)  weight  molality  (WM) 
(/)  weight  per  cent 

9.  (a)  What  weight  of  anhydrous  H2S04  should  be  taken  to  prepare 
1.0  liter  of  a  0.10  F  solution? 

(6)    Can  you  state  the  normality  of  the  solution? 

10.  Calculate  the  gram-atomic  weights  or  gram-formula  weights  present  in: 
(a)  100  g  of  Fe  metal 
(6)  100  g  of  Mg  metal 
(c)   50  g  of  02  gas 
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(rf)  50gof  C2H4gas 
(e)   50  g  of  Na2HP04  12H20  crystals 

(/)  In  which  cases  are  the  gram-formula  weights  the  same  as  the 
gram-molecular  weights? 

11.  Calculate  the  gram-equivalent  weight  of  the  overlined  substance  in 
each  of  the  following  stoichiometric  equations: 

(a)  Mg»  +  H2S04  =  MgS04  +  U2(g) 

(b)  CaCl2  +  Na2C03  =  CaC03  +  2NaCl 

(c)  2Fe(N03)3  +  3XalS  -  Fe2S3(s)  +  6NaN03 

(d)  2NaOH  +  H2C2O4  =  Na,C204  +  2H20 

(e)  TiCi;  +  FeCl3  =  TiCl4  +  FeCl2 

(/)  Jv2Cr<J4  +  BaCl2  =  BaCr04(s)  +  2KC1 
(g)   Na,Cr207  +  2Pb(N03)2  +  H20 

=  2PbCr04(s)  +  2NaN03  +  2HN03 
(h)  lv2Cr04  +  3FeCl2  +  8HC1  =  CrCl3  +  3FeCl3  +  2KC1  +  4H20 
(i)    2K2Cr04  +  9KI  +  16HC1  =  2CrCl3  +  3KI3  +  8H20  +  10KC1 
(j)  K2Cr04  +  2Zn(s)  +  8HC1  =  CrCl2  +  2ZnCl2  +  2KC1  +  4H20 
(Jfc)  2FeCl3  +  2XT  =  2FeCl2  +  I2  +  2KC1 

12.  What  convention  is  used  in  this  text  with  regard  to  the  concentrations 
of  "dilute"  acids  and  bases?  The  salt  solutions? 

13.  Typical  instructions  might  direct  that  you  use  0.5  ml  of  2  F  NH4OH. 
The  "dilute"  NH4OH  is  6  F.  Your  dropper  delivers  30  drops  per  ml.  How 
would  you  proceed? 

14.  The  concentration  of  a  commercially  available  formic  acid  (HCOOH, 
formula  weight  46.03)  is  88%  by  weight.  The  solution  has  a  specific  gravity 
of  1.2.  Calculate  what  volume  of  the  acid  should  be  taken  to  prepare  1  liter 
of  6  F  reagent. 

15.  A  phosphoric  acid  solution  contains  85%  by  weight  H3P04  and  has  a 
specific  gravity  of  1.7.  Calculate  the  normality  of  the  solution  when  titrated 
with  NaOH  to  Na2HP04. 

16.  Solutions  were  prepared  by  dissolving  5.00  g  of  each  of  the  follow- 
ing compounds  in  water  and  diluting  to  1  liter:  (1)  KI03,  (,2)  Fe(N03)3, 
(3)  K2Cr04,  U)  BaCl2,  (5)  K2Cr207,  (6)  A12(S04)3,  (7)  K3Fe(CN)6(  (8)  Na3As04, 
(9)  NH4Cl-MgCl2-6H20,  (10)  KI3. 

(a)  Calculate  the  formal  concentration  of  each  compound. 

(b)  Assume  that  each  salt  is  completely  ionized,  neglect  any  hydrolysis 
reactions,  and  calculate  the  molar  concentration  of  each  resulting  anion  and 
cation. 


Chapter  O 


Chemical  Reactions  I 

Reactions  in  Homogeneous  Systems 


A  large  majority  of  the  procedures  of  analytical  chemistry  are  based 
upon  reactions  taking  place  in  aqueous  solutions.  Your  general  chem- 
istry text  has  pointed  out  and  explained  the  unusual  properties  of 
water,  particularly  its  effectiveness  as  an  electrolytic  solvent  and  its 
tendency  to  form  hydrates  with  dissolved  positive  ions.  This  material 
should  be  reviewed  since  it  will  explain  why  aqueous  solutions  are  used 
so  extensively  as  a  medium  in  which  to  carry  out  chemical  reactions. 

Types  of  Reactions 

Chemical  reactions  in  aqueous  solutions  may  be  classified  into  three 

different  types: 

1.  Ionization  Reactions 

2.  Oxidation-Reduction  Reactions 

3.  Precipitation  Reactions 

This  classification  is  based  upon  the  nature  of  the  main  changes 
that  take  place  as  the  reactants  form  the  products.  There  will  be  many 
reactions  which  are  a  combination  of  two  or  even  all  three  of  these 
types,  but  it  is  convenient  to  discuss  the  simpler  cases  first. 

30 
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Reactions  of  the  first  type  (ionization)  are  controlled  by  the  rela- 
tive tendencies  of  the  reactants  and  the  products  to  form  un-ionized 
products.  For  example,  the  reactions  between  acids  and  bases  in 
aqueous  solutions  are  controlled  to  a  great  extent  by  the  tendency  of 
hydrogen  ions  (more  precisely,  the  hydrated  ions)  to  combine  with 
hydroxide  ions  giving  un-ionized  water  molecules. 

Reactions  of  the  second  type  (oxidation-reduction)  are  controlled 
by  the  relative  tendencies  of  certain  atoms,  ions,  and  molecules  to 
lose  or  gain  electrons. 

Reactions  of  the  third  type  (precipitation)  are  characterized  by  the 
formation  of  a  solid  phase,  called  the  precipitate,  and  are  controlled 
by  the  solubility  of  this  solid  phase. 

Ionization  and  oxidation-reduction  reactions  are  usually  carried  out 
in  one-phase  systems  and  for  this  reason  are  known  as  homogeneous 
phase  or  homogeneous  system  reactions.  The  formation  of  a  precipitate 
(type  3  reaction)  introduces  a  second  phase  and  converts  a  homo- 
geneous system  into  a  heterogeneous,  two-phase  system. 

The  remainder  of  this  chapter  and  Chapter  4  present  a  review  of  the 
laic  of  chemical  equilibrium,  frequently  called  the  mass-action  law,1  and 
its  application  to  reactions  taking  place  in  homogeneous  aqueous 
systems.  Heterogeneous  systems  are  treated  in  Chapter  5.  It  will  be 
of  help  if  you  review  the  discussion  and  formulation  of  the  mass- 
action  law  given  in  your  general  chemistry  text. 


The  Law  of  Chemical  Equilibrium 

The  law  of  chemical  equilibrium,   or  the  mass-action  law,   states 
that  for  the  simple  case  where  A  and  B  react  to  give  C  and  D,  as 

A  +  B  =  C  +  D 

equilibrium  will  be  attained  (at  a  given  temperature)  when  the  ratio 

r  irJ  has  attained  some  constant  value.  The  equilibrium  condition 

[A][B] 

is  then 

1  The  term  "mass-action  law"  is  a  misnomer  since  strictly  speaking  the  law  is  concerned  with 
the  effect  of  concentrations  rather  than  masses  upon  chemical  equilibria. 
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\C][D]       K 

Here  the  letters  in  brackets  represent  the  volume  molal  concentrations 
or  molarities  (in  a  rigorous  treatment  activities  would  be  used)  of  the 
reactants  and  products,  and  K  is  a  number  called  the  equilibrium 
constant.  A  consideration  of  this  equilibrium  expression  will  enable  one 
to  make  a  prediction  as  to  the  effect  of  changing  the  concentrations 
of  any  of  the  reactants  after  the  system  has  reached  equilibrium. 
Suppose,  at  equilibrium,  an  additional  quantity  of  A  is  added.  This 

r  enrol 

will  increase  the  concentration  of  A  and  the  ratio  :  'irnf.  will  then  be 

W[B] 

less  than  K;  therefore  the  reaction  will  tend  to  proceed  from  left  to 

right  as  written,  increasing  [CI  and  [D]  and  decreasing  [A]  and  [B], 

until  the  equilibrium  value  of  the  ratio  is  restored. 

Note  that  the  effects  which  would  be  predicted  from  this  law  are 

in  agreement  with  those  which  would  be  predicted  from  the  more 

qualitative  principle  of  Le  Chatelier.  This  principle  is  discussed  in 

your  general  chemistry  text  and  can  be  stated  as  follows: 

If  any  of  the  conditions  which  affect  a  system  already  at  equilibrium  are 
changed,  the  system  will  change  in  such  a  way  as  to  tend  to  restore  the  initial 
equilibrium  and  to  minimize  the  effect  of  the  change. 

From  Le  Chatelier's  principle  we  predict  that  if  an  equilibrium 
exists  between  the  reactants  and  products  of  the  reaction  formulated 
above,  and  if  an  attempt  is  made  to  increase  the  concentration  of  any 
one  of  these  species,  the  equilibrium  will  shift  in  such  a  way  as  to 
minimize  the  change.  That  is,  if  we  attempt  to  increase  the  concentra- 
tion of  either  A  or  B  the  reaction  will  proceed  from  left  to  right  and 
thus  lessen  the  increase;  if  an  additional  quantity  of  either  C  or  D  is 
added  the  reaction  will  proceed  from  right  to  left.  As  will  be  shown 
later,  the  mass-action  law  enables  us  to  calculate  such  changes  in  the 
concentrations  of  reactants  and  products  in  a  system  which  is  in 
equilibrium. 

The  equation  for  a  more  generalized  reaction  can  be  written  as 

aA  +  bB  +  .  .  .  =  fF  +  gG  +  .  .  . 
and  the  equilibrium  expression  formulated  as 
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The  application  of  this  generalized  law  to  ionization  reactions  is 
considered  below. 


Ionization  Reactions 

Ionization  reactions  are  characterized  by  the  formation  or  dissocia- 
tion of  un-ionized  compounds,  and  the  extent  to  which  a  given  reac- 
tion proceeds  is  determined  by  the  ionization  equilibria  which  are 
involved. 

For  example,  neutralization  reactions  take  place  because  the  product 
(water)  is  relatively  un-ionized  compared  to  the  reacting  acids  and 
bases.  Reactions  which  form  un-ionized  salts,  such  as  HgCl2,  are  con- 
trolled by  the  stability  or  ionization  of  the  salt.  Similarly,  reactions 
to  form  complex  ions,  such  as  Ag(NH3)2+  or  Ni(CN)4=,  are  controlled 
by  the  stability  of  these  ions. 

Neutralization  reactions,  and  acid-base  reactions  in  general,  are  of 
fundamental  importance  in  analytical  work.  In  particular,  control  of  the 
hydrogen  ion  concentration  is  often  used  as  a  means  of  controlling 
the  course  of  reactions  of  all  types.  The  general  features  of  acid-base 
reactions,  buffer  solutions,  and  their  analytical  applications  are  re- 
viewed here. 


Acid-Base  and  Neutralization  Reactions 

Definitions 

For  several  decades  now  various  modifications  of  the  classical  defi- 
nitions of  acids  and  bases  and  of  neutralization  reactions  have  been 
proposed.  These  proposals  have  been  made  to  extend  the  concept  of 
neutralization  reactions  to  nonaqueous  systems,  the  concept  of  acids 
to  compounds  which  do  not  contain  ionizable  hydrogen  ions,  or  pro- 
tons, and  the  concept  of  bases  to  compounds  which  do  not  contain 
ionizable  hydroxyl  groups.  In  this  book  the  classical  definitions  will 
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be  used  and  are  given  below.  They  are  applicable  to  aqueous  solutions 
of  acids  and  bases,  and  to  neutralization  reactions,  and  they  are  used 
because  such  a  large  proportion  of  the  reactions  of  analytical  chemistry, 
and  indeed  those  of  inorganic  chemistry,  are  carried  out  in  aqueous 
solutions.  In  addition,  the  data  to  be  found  in  the  literature  con- 
cerning these  reactions — such  as  ionization,  neutralization,  and  hy- 
drolysis constants — are  applicable  primarily  to  aqueous  systems.  How- 
ever, the  treatment  of  acids  and  bases  and  of  more  generalized  acid- 
base  systems  in  your  general  chemistry  text  should  be  reviewed. 

An  acid  is  a  compound  containing  one  or  more  hydrogen  atoms 
capable  of  ionizing  to  produce  solvated  hydrogen  ions  (protons  com- 
bined with  one  or  more  solvent  molecules) ;  in  aqueous  solutions  these 
hydrated  ions  are  believed  to  be  predominantly  H30+.  For  convenience 
this  ion,  called  the  hydronium  ion,  will  be  written  as  H+  and  the  total 
concentration  of  all  the  hydrated  species  will  be  called  the  hydrogen 
ion  concentration. 

A  monocrotic  acid  contains  only  one  ionizable  hydrogen  atom,  a 
polyprotic  acid  contains  more  than  one. 

A  base  is  a  compound  containing  hydrogen  and  oxygen  atoms  capable 
of  ionizing  as  hydroxyl  ions. 

A  neutralization  reaction  involves  the  combination  of  hydrogen  ions 
and  hydroxyl  ions  to  form  water: 

H+  +  OH"  =  H20 

The  reverse  of  this  neutralization  reaction 

H20  =  H+  +  OH- 

is  called  the  ionization  of  water.  The  equilibrium  expression  for  this 
reaction  can  be  written  as  follows: 

[H+irOH-]  _ 
[H20]  Ioniz 

In  this  expression  the  [H20]  should  represent  the  volume  molal  or 
molar  concentration  of  H2O  in  pure  water.  This  is  usually  assumed 
to  be  55.5  moles  per  liter  at  room  temperature,  but  this  value  is  actu- 
ally the  formal  concentration  of  water.  Pure  water  is  associated  to  an 
unknown  extent  into  polymerized  molecules  such  as  (H20)2,  and  the 
molar  concentration  of  H20  is  unknown.  However,  in  pure  water  the 
association  equilibria  remain  constant;  therefore  the  molar  concen- 
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tration  of  the  H20  remains  constant,  though  unknown.  The  ionization 
equilibrium  expression  can  therefore  be  re-written  as 

[H+][OH~]  =  AW[H20]  =  AV 
where  Kw  is  known  as  the  ion  product  constant  of  water.  This  relation- 
ship holds  in  dilute  solutions  as  well  as  in  pure  water,  for  in  such  solu- 
tions the  concentration  of  water  and  the  association  equilibria  will  not 
be  changed  by  a  significant  amount,  and  the  [H20]  can  be  considered 
constant. 

The  value  of  the  ion  product  of  water,  Kw,  has  been  determined  as 
1.0  X  10~14  at  room  temperature.  The  magnitude  of  this  constant 
shows  that  water  is  a  very  un-ionized  compound,  or  conversely,  that 
the  neutralization  reaction,  which  is  the  reverse  of  the  ionization,  has 
a  great  tendency  to  take  place. 

Next  you  should  note  that  since  water  ionizes  to  give  hydrogen  and 
hydroxyl  ions,  it  can  act  as  both  an  acid  and  a  base  and  this  is  indeed 
true.  However,  water  is  ionized  to  such  a  small  extent  that  in  most 
solutions  of  acids  or  bases  the  contribution  of  the  water  to  the  total 
concentration  of  the  hydrogen  or  hydroxyl  ions  will  be  relatively  small . 
The  effect  of  water  upon  the  concentration  of  these  ions  in  solutions 
of  salts  is  discussed  below. 

Strong  acids  and  strong  bases  are  those  which,  when  dissolved  in  a 
large  excess  of  water,  ionize  to  such  an  extent  that  the  concentration 
of  the  un-ionized  molecule  can  be  neglected.  Weak  acids  and  weak 
bases  are  those  for  which  this  is  not  the  case. 

The  equation  for  the  ionization  of  an  acid  can  be  written  in  general 
terms  as  follows: 

HA  =  H+  +  A~ 

The  mass-action  equilibrium  expression  can  be  formulated  as  follows: 

[H+1EA-1       K 
[HA]  A 

KA  is  called  the  ionization  constant  of  the  acid.  A  table  of  the  ioniza- 
tion constants  of  the  acids  involved  in  this  system  of  analysis  is  given 
in  Appendix  3,  p.  445. 

The  equilibrium  expression  above  is  very  useful,  since  it  enables  us 
to  make  approximate  calculations  of  the  concentrations  of  the  hydro 
gen  ion,  the  anion,  and  the  un-ionized  acid  in  various  solutions. 
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For  example,  suppose  that  we  wish  to  calculate  the  hydrogen  ion 
concentration  in  a  solution  which  is  0.10  F  in  acetic  acid.  The  ioniza- 
tion reaction  is  represented  by  the  equation 

CH3COOH  =  H+  +  CH3COO- 

so  that   [H+]  =  [CH3COO~];  letting  these  concentrations  equal  x, 
we  have 

[H+][CH3COO-]  (a)  fa) 

[CH3COOH]        "  (0.10  -  x)  "      A  "         A 

Before  solving  mass-action  expressions  of  this  kind,  always  make  an 
inspection  of  the  relative  values  of  the  numbers  involved  in  order  to 
determine  if  an  approximate  method  of  solution  may  be  adequate  for 
the  purpose. 

Several  factors  are  involved  in  deciding  what  approximations  are 
justified.  First,  consider  the  accuracy  required  by  the  situation  or  justi- 
fied by  the  data.  In  the  acetic  acid  illustration  above,  the  least  accurate 
value — the  concentration  of  the  acetic  acid — is  specified  to  only  two 
significant  figures,  or  to  only  10%.  Obviously  any  greater  accuracy  in 
the  arithmetical  solution  is  not  justified.  Observe  also  that  the  value 
of  the  equilibrium  constant  is  given  here  to  only  two  significant  figures 
or  to  an  accuracy  of  ±1  in  18,  or  approximately  6%;  many  other 
constants  are  less  accurately  known.  In  making  calculations  involving 
such  constants,  the  uncertainty  in  the  constant  may  determine  the 
over-all  accuracy  of  the  calculation;  thus  no  matter  how  accurately 
the  concentration  of  the  acetic  acid  in  a  solution  is  known,  if  the  value 
1.8  X  10~5  is  used  as  the  equilibrium  constant  the  final  answer  cannot 
be  specified  to  better  than  ±6%. 

A  second  factor  involved  is  that  there  are  limitations  to  the  use  of 
concentrations  in  mass-action  expressions.  When  calculations  based  on 
the  mass-action  law  are  checked  by  experimental  measurements,  sig- 
nificant deviations  are  found  if  the  ion  concentrations  in  aqueous  solu- 
tions are  much  greater  than  0.001  M.  These  deviations  are  caused  by 
the  charges  on  the  ions  and  they  are  called  the  interionic  attraction  effect. 
Because  of  these  forces  the  experimentally  measured  mass-action  effect 
of  a  particular  ion — known  as  its  activity — usually  is  less  than  its  molar 
concentration.  Thus  in  a  0.1  F  solution  of  an  electrolyte  with  singly 
charged  ions,  such  as  KC1,  the  activities  of  the  ions  are  about  10% 
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less  than  their  molar  concentrations.  In  order  to  obtain  the  activity,  a, 
of  an  ion  in  such  a  solution,  the  molar  concentration,  M,  must  be  cor- 
rected by  the  factor  0.9;  this  factor  is  called  the  activity  coefficient,  a. 
The  activity,  then,  is  equal  to  the  molar  concentration  times  the 
activity  coefficient;  that  is,  a  =  M  X  a.  The  value  of  the  activity  co- 
efficient is  determined  not  only  by  the  concentration  of  any  one  elec- 
trolyte, but  by  the  total  ionic  concentration  of  the  solution.  The  cal- 
culation of  activity  coefficients  for  solutions  having  various  total  ion 
concentrations  is  beyond  the  scope  of  this  text.  The  above  discussion 
is  meant  to  warn  you  of  this  effect.  Remember  that  when  concentra- 
tions are  used  in  mass-action  calculations  where  the  total  ion  concen- 
trations are  greater  than  about  0.01  M,  you  may  encounter  deviations 
of  10%  or  more  from  experimental  values.  For  this  reason,  when  you 
are  making  such  calculations,  you  should  take  advantage  of  any 
simplifying  approximations  that  do  not  cause  errors  exceeding  this 
magnitude. 

Returning  to  the  solution  of  our  problem  above,  an  inspection  of 
the  acid  dissociation  constant  suggests  that  the  value  of  x,  the  molar 
hydrogen  ion  concentration,  is  likely  to  be  small  in  comparison  to  the 
formal  concentration  of  the  acetic  acid.  Neglecting  the  x  in  the  denom- 
inator and  simplifying  gives 

x2  =  1.8  X  10~5  X  1.0  X  10-1  =  1.8  X  10-6 
x  =  1.3  X  10-3 

Thus  the  calculated  hydrogen  and  acetate  ion  concentrations  are  each 
0.0013  M.  Since  this  represents  only  1.3%  of  the  formal  concentration 
of  the  acetic  acid,  the  approximate  solution  is  justified  in  this  case. 

The  mass-action  law  is  particularly  valuable  because  it  can  be  used 
to  show  the  effect  of  a  change  of  the  concentration  of  a  reacting  sub- 
stance upon  a  reaction  which  is  in  equilibrium.  This  is  illustrated  if  we 
consider  the  effect  upon  the  hydrogen  ion  concentration  of  the  above 
0.10  F  acetic  acid  solution  if  it  is  also  made  0.10  F  in  sodium  acetate, 
CH3COONa,  an  essentially  completely  ionized  compound. 

We  proceed  as  above  to  formulate  our  system.  The  ionization  reac- 
tion of  the  acid  is  the  same 

CH3COOH  =  H+  +  CHaCOO- 
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If  we  let  y  =  [H+],  then   [CH3CO()-]  is  0.10  +  y;   [CH3COOH]   is 
0.10  —  y.  Therefore 

[H+][CH3COOi  __  (y)(0.10+y)  in_5 

[CH3COOH]  (0.10  -y)       "         A 

We  again  assume  that  ?/  will  be  small  in  comparison  to  0.10  and  have 

y  =  1.8  X  lO"5  xJyJ-1.8X  10-5  =  [H+] 

This  value  presents  three  interesting  features.  First,  the  addition  of 
the  sodium  acetate  has  changed  the  hydrogen  ion  concentration  from 
1.3  X  10~3  to  1.8  X  10-5  M.  Second,  we  note  that  the  molar  hydrogen 
ion  concentration  in  this  solution  (and  in  any  solution  containing  equal 
molar  concentrations  of  a  monoprotic  weak  acid  and  its  salt)  is  equal 
to  the  ionization  constant  of  the  acid.  That  this  should  be  true  becomes 
clear  when  we  rewrite  the  ionization  equilibrium  for  an  acid  as  follows : 

[H+]  =  KA  S£] 

Thus  it  is  seen  that  the  hydrogen  ion  concentration  in  any  solution 
of  an  acid  and  its  salt  is  fixed  by  the  value  of  the  ionization  constant 
of  the  acid  and  the  ratio  of  the  molar  concentration  of  the  acid  to  that 
of  the  anion.  Third,  consideration  of  this  expression,  and  of  the  con- 
centrations of  acetic  acid  and  acetate  ion  present,  leads  to  the  conclu- 
sion that,  although  the  hydrogen  ion  concentration  is  very  small, 
0.000018  M,  one  could  add  a  relatively  large  amount  of  either  a  strong 
acid  or  a  strong  base  without  causing  a  correspondingly  large  change 
in  the  hydrogen  ion  concentration  of  the  system.  Such  a  solution  is 
said  to  be  buffered,  and  the  acetic  acid  and  acetate  ion  of  this  solution 
constitute  a  buffer  system.  Such  systems  are  of  tremendous  importance 
in  analytical,  commercial,  and  physiological  processes  and  are  discussed 
below. 

Buffer  Systems 

When  a  buffer  system  is  present  in  a  solution  (such  as  the  acetic 
acid-acetate  ion  solution  above)  it  decreases  the  change  in  hydrogen 
ion  concentration  that  otherwise  would  be  caused  by  the  addition  of 
acid  or  base  to  that  solution.  We  can  illustrate  the  properties  of  such 
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systems  if  we  first  calculate  the  hydrogen  ion  concentration  change 
caused  by  adding  0.010  formula  weight  quantities  of  a  strong  acid  and 
a  strong  base  to  separate  1  liter  volumes  of  pure  water,  and  then  if  we 
compare  this  change  with  that  obtained  by  adding  the  same  quantities 
of  acid  and  base  to  separate  1  liter  volumes  of  a  solution  0.10  F  in 
CH3COOH  and  0.10  F  in  CH3COONa. 

We  have  noted  earlier  that  in  aqueous  solutions  [H+][OH~]  =  10~14. 
Because  in  pure  water  [H+]  =  [OH-]  =  v  10~14,  our  water  will  ini- 
tially have  a  hydrogen  ion  concentration  of  1 .0  X  10-7  M .  After  addition 
of  0.010  formula  weight  of  strong  acid,  the  hydrogen  ion  concentration 
would  become  1.0  X  10~2  M;  the  hydrogen  ion  contributed  by  the 
water  would  be  negligible.  Similarly,  after  addition  of  0.010  formula 
weight  of  base,  the  hydroxyl  ion  concentration  would  become  1.0  X 
10~2  M  and  as  seen  from  the  ion  product  of  water,  the  hydrogen  ion 
concentration  will  be  10-12  M.  In  both  cases  the  hydrogen  ion  concen- 
tration has  changed  by  a  factor  of  100,000. 

Now  consider  the  effect  of  the  addition  of  the  same  quantity  of  the 
strong  acid  to  the  acetic  acid-acetate  ion  solution.  Acetic  acid  is  such 
a  weak  acid  that  we  can  assume  as  a  first  approximation  that  essen- 
tially all  of  the  hydrogen  ion  reacts  with  acetate  ion  to  produce  acetic 
acid  as  follows: 

H+  +  CH3COO-  =  CH3COOH 

As  a  result,  the  quantity  of  acetate  ion  in  the  solution  is  reduced  by 
0.01  gram-formula  weight  and  the  acetic  acid  increased  by  the  same 
amount;  this  changes  the  acetate  ion  concentration  from  0.10  to  0.09 
formal  and  the  acetic  acid  concentration  from  0.10  to  0.11  formal. 
Solving  for  the  hydrogen  ion  concentration, 

[H+]  =  1.8  X  10-  X  ^CQO^ 

=  1  8  X  10-5  v  <U1  ~[H+] 
-  1.8  X  10      X  oog  +  [H+] 

Assuming  that  the  [H+]  is  much  less  than  0.09  or  0.11,  we  have 

[H+]  =  1.8  X  10-5X^ 
=  2.2  X  10-5 
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Thus  the  hydrogen  ion  concentration  has  been  changed  in  this  case 
from  1.8  X  10~5  to  2.2  X  10~5  or  by  a  factor  of  only  1.2.  This  is  to  be 
compared  with  the  factor  of  105  obtained  in  the  absence  of  the  buffer 
system.  Also  observe  that  this  factor  of  1.2  is  the  factor  by  which 
the  ratio  of  acid  to  salt  has  changed. 

If,  instead  of  the  acid,  0.010  formula  weight  of  a  strong  base  is  added 
to  the  acetic  acid-acetate  ion  solution  the  following  reaction  can  be 
assumed  to  be  essentially  complete: 

CH3COOH  +  OH-  =  CHsCOO-  +  HOH 

As  a  result,  the  concentration  of  the  acetic  acid  is  reduced  to  0.09  F  and 
the  concentration  of  the  acetate  ion  is  increased  to  0.11  F.  Solving  for 
the  hydrogen  ion  concentration,  we  obtain  a  value  of  1.5  X  10~5.  We 
see  that  the  hydrogen  ion  concentration  has  changed  by  the  same 
relative  amount,  that  is,  by  a  factor  of  only  1/1.2  or  0.8. 

One  should  realize  that  a  buffer  system  is  effective  only  when  the 
components  of  the  buffer  system  are  present  in  relatively  large  amounts 
compared  to  the  amount  of  added  acid  or  base. 

Weak  bases  and  their  salts  are  also  used  as  buffer  systems  for 
alkaline  solutions.  The  analogy  to  the  acid  systems  is  obvious  if  the 
generalized   ionization   expression  for  the  weak  base  is   written  as 

BOH  =  B+  +  OH- 

Then  the  following  is  true: 

[0H-]  =  ^m 

or 

rH+]  =    AV[B+] 
L      J       AB[BOH] 

Ammonium  hydroxide  and  an  ammonium  salt  are  frequently  used 
in  this  system  of  analysis  as  a  buffer  system. 

Neutralization  and  Hydrolysis  Reactions 

Reaction  of  a  Strong  Acid  and  a  Strong  Base 
We  can  write  the  formula  equation  for  the  reaction  of  a  strong  acid 
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(such  as  hydrochloric  acid)  and  a  strong  base  (such  as  sodium  hydrox- 
ide) as  follows: 

HC1  +  NaOH  =  NaCl  +  H20 

As  was  stated  in  Chapter  2,  such  a  formula  equation  shows  only 
the  stoichiometric  relationships  and  does  not  show  the  ions  or  mole- 
cules which  establish  the  mass-action  equilibrium.  In  this  case  the 
HC1  and  NaOH,  and  the  NaCl  are  strong  electrolytes — that  is,  they 
are  essentially  completely  ionized  in  aqueous  solutions — and  therefore 
we  formulate  the  complete  or  total  ionic  equation  as 

H+  +  CI-  +  Na+  +  OH-  =  Na+  +  Cl~  +  HOH 
or 

H+Cl-  +  Na+OH-  =  Na+Cl-  +  HOH 

The  latter  form  will  be  used  at  times  to  indicate  clearly  the  initial 
reactants.  The  net  ionic  equation  is 

H+  +  OH-  =  HOH 

and  is  obtained  by  eliminating  those  ions  appearing  on  both  sides  of 
the  equation. 

Upon  formulating  the  mass-action  equilibrium  expression  for  this 
reaction  we  obtain 

[H2Q]  R 


[H+][OH-] 

As  explained  previously,  in  dilute  solutions  the  H20  concentration 
can  be  assumed  to  be  constant,  and  we  write 

1  K 

[H+][OH-]  "     N 

Kn,  the  constant  for  the  neutralization  reaction,  is  seen  to  be  the 
reciprocal  of  the  ion  product  constant  of  water.  The  result  of  a  reaction 
between  equivalent  quantities  of  HC1  and  NaOH  solutions  is  an  aque- 
ous solution  containing  sodium  and  chloride  ions.  Both  HC1  and  NaOH 
are  strong  electrolytes,  essentially  completely  ionized  in  aqueous  solu- 
tion, and  consequently  there  is  no  tendency  for  CI-  to  combine  with 
the  H+  or  for  Na+  to  combine  with  the  OH"  arising  from  the  ionization 
of  water.  Therefore 
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[H+]  =  [OH]  =  Vk„  =  10-7 
and  the  solution  is  said  to  be  neutral. 

Reaction  of  a  Strong  Acid  and  a  Weak  Base 

We  can  write  the  total  ionic  equation  for  the  reaction  of  a  strong 
acid  with  a  weak  base  in  a  generalized  form  as 

H+A-  +  BOH  =  B+A-  +  HOH 

Here  A-  is  the  anion  of  a  strong  monoprotic  acid  and  B+  is  the  cation 
of  a  weak  monohydroxyl  base  (such  as  NH4OH). 

The  equilibrium  expression  is  formulated  from  the  net  ionic  equa- 
tion as  follows: 

fB+1 


[H+][BOH] 

The  salt  BA  is  assumed  to  be  completely  ionized  and  therefore  the 
concentration  of  A-  cancels  from  the  expression;  the  [HOH]  is  as- 
sumed to  be  constant. 

The  neutralization  constant,  KN,  for  this  reaction  can  be  evaluated 
by  noting  that  this  neutralization  reaction  differs  from  that  for  a 
strong  acid  and  a  strong  base  because  the  ionization  of  the  base  is 
involved  as  well  as  the  ionization  of  water.  As  a  result,  KN  can  be 
obtained  by  combining  the  following  equilibrium  expressions: 

fB+]rOH-1  Y  1  =  Kb  =         [B+]         _.  K 

[BOH]      A  [H+][OH]  "  Kw  "  [BOH][H+]  "     N 

You  will  not  find  values  of  neutralization  constants  tabulated  in 
handbooks,  but  you  will  find  tables  giving  the  ionization  constants  of 
the  various  bases.  Since  Kw  is  known  you  can  calculate  KN  for  the 
reaction  of  any  one  of  these  bases  with  any  strong  acid. 

The  application  of  the  above  neutralization  expression  can  be  illus- 
trated by  calculating  the  concentrations  of  the  products  resulting 
from  dissolving  0.10  formula  weight  of  NH4OH,  KB  =  1.8  X  10-5,  and 
0.10  formula  weight  of  HC1  in  water  and  diluting  to  one  liter  of  solu- 
tion. The  total  ionic  equation  for  the  reaction  would  be  written  as 

H+Cl-  +  NH4OH  =  NH4+C1-  +  HOH 

and  the  mass-action  expression  would  be  formulated  as  follows : 
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TNH4+]  [OH]  __  Kb_.k    =   1-8  X  IP"5   =  -  1()9 

[H+][NH4OH]       [OH-]  "  AV  "l.OX  10~14         * 

From  the  large  value  of  the  constant  it  appears  that  the  molar  con- 
centration of  NH4+  will  be  large  compared  to  that  of  H+  or  NH4OII. 
In  cases  like  this  it  is  more  convenient  to  solve  for  the  smaller  quan- 
tity. If  the  [H+]  is  represented  by  x,  then  the  [NH4OH]  (the  amount 
not  neutralized)  is  also  x,  since  exactly  equivalent  quantities  of  acid 
and  base  were  added.  If  complete  neutralization  had  occurred,  the 
concentration  of  NH4C1  would  have  been  0.1  formal.  Assuming  com- 
plete ionization  of  the  NH4C1  and  taking  into  account  the  incomplete 
neutralization,  the  molar  concentration  of  NH4+  is  0.1  —  x.  We  can 
now  write  the  expression 

[NH4+]         __  (0-1  -  x)  __  , 

[H+][NH4OH]  "        Or)(.r) 

If  we  assume  that  a*  is  small  compared  to  0.1  we  obtain 

w"  =  Tirh?  =  °55  x  10"'° 

and 

x  =  7.4  X  10-6 

(Since  0.1  »  7.4  X  10~6  the  approximation  is  valid.) 

As  compared  with  the  neutral  solution  obtained  from  the  neutraliza- 
tion of  a  strong  acid  with  a  strong  base,  this  solution  is  definitely  acidic, 
having  a  hydrogen  ion  concentration  of  7.4  X  10-6  M. 


Hydrolysis  of  Salts 

At  this  point  it  is  advantageous  to  note  that  one  can  prepare  identical 
solutions  by  beginning  with  exactly  equivalent  quantities  of  HC1  and 
NH4OH  (as  above)  or  by  beginning  with  an  equivalent  quantity  of 
the  salt  NH4CI,  provided  the  final  volumes  are  the  same.  In  the  first 
case  the  salt  is  produced  by  a  neutralization  reaction;  in  the  second 
case  hydrogen  ion  and  ammonium  hydroxide  are  produced  by  reaction 
of  ammonium  ion  with  water,  that  is,  by  a  hydrolysis  reaction.  (The 
word  hydrolysis  is  derived  from  the  Greek  words  hydor,  water,  and 
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lysis,  loosening.)  Thus  the  hydrolysis  of  salts  in  aqueous  solutions  is 
simply  the  reverse  of  the  neutralization  of  acids  and  bases. 

The  hydrolysis  reaction  occurring  when  ammonium  chloride  is  dis- 
solved in  water  is 

NH4+C1-  +  HOH  =  NH4OH  +  H+Cl- 

and  the  mass-action  expression  is 

[NH4OH1[H+]       K 
[NH4+]  " 

It  is  obvious  that  Kh  is  the  reciprocal  of  KN;  for  this  particular 
hydrolysis,  then, 

K"  ~  KB  ~  KN  ~  1.8  X  10»  "  5'5  X  10 

The  calculations  made  above  show  that  the  hydrolysis  of  a  salt  of 
a  strong  acid  and  a  weak  base  produces  an  acid  solution. 


Reaction  of  a  Weak  Acid  and  a  Strong  Base 

The  neutralization  reaction  between  a  weak  acid,  such  as  acetic 
acid,  and  a  strong  base  can  be  represented  by  the  generalized  equation 

HA  +  B+OH-  =  B+A-  +  HOH 

At  equilibrium 

[A']         _.  K 
[HA]  [OH]  N 

By  combining  the  equilibrium  expressions  for  the  ionization  of  water 
and  of  the  weak  acid,  one  finds  that 

KN  =  77^;     also     KH  =  t^ 

Calculations  similar  to  those  made  above  in  the  case  of  the  weak 
base-strong  acid  neutralization  will  show  that  the  reaction  of  equiv- 
alent quantities  of  a  weak  acid  and  a  strong  base,  or  the  hydrolysis 
of  a  salt  of  a  weak  acid  and  a  strong  base,  will  result  in  an  alkaline 
solution. 
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Reaction  of  a  Weak  Acid  and  a  Weak  Base 

The  neutralization  reaction  of  a  weak  base  and  a  weak  acid  is 

formulated  as 

HA  +  BOH  =  B+A-  +  HOH 

and  the  equilibrium  expression  is 

[B+][A~]  K 

[HA]  [BOH]  "     N 

By  combining  the  ionization  expressions  for  the  acid  and  the  base 
with  that  for  water,  we  find  that 


KN 


KA  XKB 


Kw 

Space  does  not  permit  a  more  detailed  treatment  of  these  equilibria, 
nor  of  the  equilibria  resulting  when  a  polyprotic  acid,  such  as  H3P04, 
is  neutralized  with  a  strong  base.  Certain  specific  cases  which  occur  in 
the  system  of  analysis  are  considered  in  the  discussion  of  that  partic- 
ular procedure;  the  more  general  treatment  of  such  equilibria  is 
discussed  in  your  general  chemistry  text  and  should  be  reviewed. 

Displacement  Reactions 

When  a  strong  acid  is  added  to  a  salt  of  a  weak  acid  the  reaction 
can  be  represented  by  the  following  total  ionic  equation 

H+As-  +  B+Aw-  =  HA„  +  B+As~ 

where  A3~  and  Aw~  are  the  anions  of  the  strong  and  weak  acids, 
respectively.  Formulation  of  the  equilibrium  expression  gives 

[HA,„]      _. 
[H+][AW-]  "     D 

and  KD  is  the  reciprocal  of  the  ionization  constant  of  the  weak  acid. 
The  term  displacement  reaction  is  used  since  we  consider  that  the 
weak  anion  is  being  displaced  from  the  salt. 

For  such  reactions  the  extent  to  which  the  anion  of  the  weak  acid 
is  converted  to  that  acid,  or  the  ratio  of  the  concentration  of  the  acid 
to  that  of  the  anion,  is  determined  by  the  ionization  constant  of  the 
acid  and  the  hydrogen  ion  concentration;  that  is 
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Acid-Base  Indicators 

There  exist  certain  organic  compounds  which  are  weak  acids,  and 
which,  when  converted  from  the  free  acid  to  the  salt,  change  their 
molecular  structure  and  as  a  consequence  also  change  their  color. 
Such  compounds  are  called  indicators.  Certain  organic  bases  behave 
similarly.  One-color  indicators  change  from  colorless  to  a  color,  or  the 
reverse;  two-color  indicators  change  from  one  color  to  another.  These 
compounds  can  be  used  to  indicate  changes  of  hydrogen  ion  concen- 
tration in  solutions.  If  the  indicator  is  a  weak  acid  we  may  use  the 
expression  derived  above  for  making  mass-action  calculations,  sub- 
stituting HIn  and  In-  for  HAU.  and  Aw~- 

[HIn]  _  [H+] 
[In-]         KIn 

Here  A'in  is  the  ionization  constant  of  the  indicator  acid.  The  indicator 
action  can  be  illustrated  as  follows:  Consider  a  two-color  indicator 
acid  which  is  red  in  the  acid  form  (HIn)  and  yellow  in  the  basic  form 
(In-),  and  which  has  an  ionization  constant  (A'i„)  of  10-5.  When  a 
small  amount  of  this  indicator  is  in  equilibrium  with  a  solution  having 
a  hydrogen  ion  concentration  of  10-7  M,  the  ratio 

[HIn]  __  10^ 
[In-]         10-*  " 

In  other  words,  99%  of  the  indicator  would  be  in  the  yellow  form 
(anion)  and  the  red  color  of  the  acid  form  would  not  be  perceptible. 
If  we  add  only  0.01  ml  of  1  F  HO  to  100  ml  of  such  a  solution  which  is 
not  buffered,  the  [H+]  becomes  0.01  X  tot  =  1°~4-  In  this  solution  the 
ratio 

IHJn]  =  10^  =  in. 

[In"]        10-*  ' 

the  color  of  the  indicator  will  have  changed  from  the  yellow  of  the 
basic  form  to  the  red  of  the  acid  form.  The  acid  required  for  the  reac- 
tion H+  +  In-  =  HIn  has  been  neglected,  because  good  indicators 
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are  so  intensely  colored  that  extremely  small  concentrations  are  ade- 
quate for  the  colors  to  be  perceptible. 

The  Concept  of  pH  Values 

In  the  above  discussion  of  acid-base  reactions  hydrogen  ion  concen- 
trations have  been  used.  These  concentrations  have  varied  over  a 
wide  range  and  have  usually  been  less  than  unity.  For  this  reason 
logarithms  are  frequently  convenient  to  use  when  calculating  or  plot- 
ting hydrogen  ion  concentrations.  This  use  of  logarithms  has  led  in 
turn  to  the  practice  of  designating  the  negative  logarithm  of  the 
hydrogen   ion  concentration  the  pH.   That   is,   pH  =  —log  [H+]  = 

log  •  (The  rigorous  definition  specifies  the  hvdrogen  ion  activitv 

rather  than  the  concentration.)  The  concept  of  pH,  while  at  first 
confusing,  has  become  so  generally  used  that  it  is  necessary  to  become 
familiar  with  it  and  to  acquire  facility  in  making  the  conversion  from 
concentration  units  to  pH  units  and  the  reverse.  For  example,  in 
order  to  calculate  the  pH  of  a  solution  in  which  the  [H+]  is  3.0  X  10~4, 
one  finds  the  logarithm  of  this  number,  which  is  (log  3.0  -+-  log  10~4)  = 
{0.47  +  (-4)}  =  -3.53.  Therefore,  the  pH  is  -(-3.53)  or  3.53. 
To  calculate  the  [H+]  of  a  solution  having  a  pH  of  5.6,  remember 
that  this  means  the  log  of  the  [H+]  is  —5.6.  This  is  the  same  as 
-4-0.4  —  6,  the  antilog  of  which  is  2.5  X  10~6,  the  required  [H+]. 

Extension  of  the  pH  Concept 

The  mathematical  operation  of  taking  the  negative  logarithm  of  a 
quantity  X  and  calling  it  pX  is  quite  generally  used.  Thus  —log  [OH-] 
is  called  pOH,  and  —log  Kw  is  called  pKw-  Note  that  since 

[H+][OH-]  =  AV 
therefore 

log  [H+]  +  log  [OH]  =  log  Kw 
or 

/>H  +  pOH  =  pKw 

If  the  pH  of  a  solution  is  5,  the  pOH  must  be  9,  since  pKw  is  14.  It  is 
useful  also  to  use  pH  units  in  discussing  indicators.  It  was  pointed  out 
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above  that  the  color  of  one  form  of  a  two-color  indicator  would  pre- 
dominate if  the  concentration  of  that  form  were  10  times  the  concen- 
tration of  the  other.  Thus,  if 

-2^  =  10 

[HIn] 

the  color  seen  would  be  that  of  the  indicator  anion.  We  may  rewrite 
this  equation: 

[In~]    =    A'in    = 

[HIn]  "  [H+] 

Thus  for  the  anion  color  to  be  seen, 

[H+]  =  ^ 
L      J         10 

and 

pK  =  pKin  +  1 

On  the  other  hand,  if  the  un-ionized  indicator  color  (the  acid  form) 
is  to  be  seen 

[In~]    =    Ki^       J_ 

[HIn]  "  [H+]  "  10 
and 

pH  =  pKia  —  1 

Thus  the  color  change  of  an  indicator  takes  place  over  a  range  of 
2  pH  units,  centered  on  the  pH  which  is  numerically  equal  to  the  pK 
of  the  indicator  acid.  (These  considerations  hold  true  only  if  the  color 
intensities  of  both  acid  and  anion  forms  of  the  indicator  are  the  same. 
The  color  change  of  indicators  can  be  observed  visually  over  a  range 
of  1.0-2.8  pH  units,  and  the  interval  of  change  is  centered  only  approx- 
imately on  the  pK  of  the  indicator.) 

Other  Ionization  Reactions 

Complex  Ions.  The  other  types  of  ionization  reactions  of  great  an- 
alytical importance  involve  the  formation  of  complex  ions  and  of  un- 
ionized salts.  Your  general  chemistry  text  discusses  the  nature,  struc- 
ture, and  types  of  complex  ions.  This  material  should  be  reviewed. 

In  this  system  of  analysis,  the  separation  of  the  elements  of  the 
Alkaline  Earth  Group  from  those  of  the  Metal  Ammine  Group  depends 
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upon  the  formation  of  complex  ions.  The  cations  of  the  Metal  Ammine 
Group  elements — Cu++,  Ni++,  and  Ag"1" — have  a  much  greater  tend- 
ency to  form  complex  ions  with  the  ammonia  molecule  than  do  the 
cations  of  the  Alkaline  Earth  Group  elements — Ba++,  Ca++,  and 
Mg++.  With  copper (II)  this  complex  formation  reaction  is  usually 
represented  as 

Cu++  +  4NH3  =  Cu(NH3)4++ 

However,  since  Cu++  is  initially  hydrated,  a  more  realistic  representa- 
tion would  be 

Cu(H20)4++  +  4NH3  =  Cu(NH3)4++  +  4H20 

This  indicates  more  clearly  that  the  relative  stabilities  of  the  hydrates 
and  the  ammine  complexes,  and  also  the  concentration  of  the  ammonia, 
are  the  factors  that  will  determine  which  species  is  preferentially 
formed.  The  relative  stabilities  are  such  that  reactions  involving 
Cu(II)  and  the  other  Metal  Ammine  Group  elements  tend  to  proceed 
from  left  to  right  as  written  above,  but  the  analogous  reactions  involv- 
ing calcium  (II)  and  the  Alkaline  Earth  Group  elements,  for  example 

Ca(H20)6++  +  6NH3  =  Ca(NH3)6++  +  6H20 

exhibit  virtually  no  tendency  to  proceed. 

Complex  compounds  of  various  cations  with  the  halides,  especially 
with  chloride  ion,  are  of  great  importance  throughout  this  system  of 
analysis.  The  red  complex  ions,  FeSCN++  and  Fe(SCN)2+,  are  used 
for  the  detection  and  estimation  of  iron  (P.  13).  The  colorless  complex 
formed  by  Fe(III)  in  solutions  containing  phosphoric  acid  is  used  in 
the  analysis  for  titanium  (P.  15)  to  prevent  interference  from  the 
colored  chloro  complexes  of  iron  (III).  These  and  other  examples  of 
the  use  of  complex  ions  will  be  discussed  as  they  occur  in  the  system 
of  analysis. 

Ionization  reactions  can  result  in  the  formation  of  neutral  molecules 
other  than  water  and  other  weak  acids  and  bases.  Thus  the  molecule 
Hg(SCN)2  is  relatively  un-ionized  in  aqueous  solutions,  and  the  follow- 
ing reaction  is  the  basis  of  a  quantitative  method  for  the  determination 
of  mercury: 

Hg++  +  2SCN-  =  Hg(SCN)2 
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QUESTIONS  AND  PROBLEMS 


1.  Classify  the  three  types  of  chemical  reactions  taking  place  in  aqueous 
solutions.  What  is  the  basis  of  the  classification?  Which  of  these  types  always 
involves  a  heterogeneous  system? 

2.  Formic  acid  (HCOOH)  in  a  0.10  F  solution  has  been  found  by  con- 
ductance measurements  to  be  4.5%  ionized  at  25°  C.  (a)  Calculate  the  acid 
ionization  constant  (Ka).  (b)  Calculate  the  molar  HCOO-  concentration  in 
(i)  0.010  F  and  (2)  1.0  F  acid  solutions. 

3.  (a)  Show  that  in  its  aqueous  solution  the  fractional  ionization — that 
is,  the  fraction  of  the  total  acid  ionized — of  a  very  weak  acid  can  be  said  to 
vary  inversely  as  the  square  root  of  the  concentration.  (6)  Show  that  in  a 
1  formal  solution  the  fractional  ionization  of  such  an  acid  is  equal  to  the 
square  root  of  the  ionization  constant. 

4.  Calculate  the  [H+]  and  the  percentage  ionization  of  the  formic  acid 
in  (o)  a  solution  0.10  F  in  HCOOH  and  0.020  F  in  HCOONa,  (6)  a  solution 
0.10  F  in  HCOOH  and  0.10  F  in  HCOONa,  and  (c)  0.10  F  in  HCOOH  and 
0.020  F  in  HC1.  (d)  Derive  a  general  equation  relating  the  formal  concentra- 
tion of  a  weak  acid,  its  acid  dissociation  constant,  its  fractional  ionization, 
and  the  formal  concentration  of  added  strong  acid  or  salt  of  the  weak  acid. 

5.  Calculate  the  [H+]  and  the  pll  of  a  solution  0.10  F  in  HCOOH  and 
0.10  F  in  NaOH. 

6.  Calculate  the  pH  of  a  0.10  F  solution  of  NH4C1. 

7.  Calculate  the  hydrogen  ion  concentration  of  a  solution  0.10  F  in 
NH4OH. 

8.  To  50  ml  of  0.10  F  acetic  acid  20  ml  of  0.10  F  NaOH  were  added;  cal- 
culate the  pH  of  the  resulting  solution  (assume  additivity  of  volumes). 

9.  To  100  ml  of  concentrated  (15  F)  ammonia  500  ml  of  1.0  F  HN03  were 
added  and  the  resulting  solution  was  diluted  to  1  liter.  Calculate  the  pH  of 
the  solution. 

10.  Compare  the  concentrations  of  CN_,  HCN,  and  OH~  in  the  following 
solutions : 

(a)  10  ml  of  0.010  F  HCN 

(b)  10  ml  of  a  solution  containing  0.00010  mole  of  HCN 

(c)  0.00010  mole  of  NaCN  and  0.00010  mole  of  HC1  in  10  ml  of  solution. 
Id)  0.00010  mole  of  NaCN  and  0.00010  mole  of  HCN  in  10  ml  of  solu- 
tion. The  ionization  constant  for  HCN  is  2  X  10~9. 
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11.  The  equilibrium  constant  for  the  reaction 

Cu(H20)4++  +  4NH3  =  Cu(NH3)4++  +  4H20 

is  2  X  1013.  Calculate  the  hydrated  copper  ion  concentration  when  ammonia 
gas  is  passed  into  a  solution  initially  10-3  F  in  Cu(II)  in  sufficient  quantity 
to  make  the  ammonia  concentration  1  M.  (Note  how  effective  an  excess  of 
NH3  is  in  reducing  the  concentration  of  the  hydrated  cupric  ion;  with  lower 
NH3  concentrations  ions  such  as  Cu(NH3)(H20)3++,  Cu(NH3)3(H20)++  etc. 
are  formed;  in  very  concentrated  ammonia  solutions  appreciable  concen- 
trations of  Cu(NH3)5+  +  and  Cu(NH3)6++  are  present.) 

12.  Buffer  Solutions,  (a)  Calculate  the  hydrogen  ion  concentrations  of 
solutions  prepared  by  (1)  mixing  100  ml  of  1.0FHCOOH  and  100  ml  of 
1.0  F  HCOOK;  (2)  diluting  10  ml  of  the  solution  from  (1)  to  100  ml;  (3)  adding 
20  ml  of  0.10  FHC1  to  20  ml  of  the  solution  from  (1);  U)  adding  20  ml  of 
0.10  F  HC1  to  20  ml  of  water;  (5)  adding  20  ml  of  1.0  F  HC1  to  20  ml  of  the 
solution  from  (1).  (b)  What  characteristics  of  buffer  solutions  are  illustrated 
by  these  experiments? 


Chapter  4 


Chemical  Reactions  II 

Oxidation- Reduction  Reactions 


J.  his  chapter  discusses  oxidation-reduction  reactions  with  particular 
emphasis  on  the  use  of  such  reactions  in  this  system  of  analysis. 
Your  general  chemistry  text  should  be  consulted  for  a  more  general 
treatment,  as  well  as  for  discussions  of  the  electromotive  series,  of 
electrolytic  cells,  and  of  methods  of  balancing  oxidation-reduction 
equations  and  making  stoichiometric  calculations. 

When  an  atom  loses  one  or  more  electrons  it  is  said  to  be  oxidized; 
when  an  atom  gains  one  or  more  electrons  it  is  said  to  be  reduced. 
Therefore,  oxidation  is  a  loss  of  electrons  and  reduction  is  a  gain  of 
electrons. 

An  oxidation-reduction  or  redox  reaction  is  one  in  which  there  is  a 
transfer  or  shift  of  electrons  from  one  reactant,  the  reductant  or 
reducing  agent,  to  another,  the  oxidant  or  oxidizing  agent. 

When  chlorine  reacts  with  iodide  ion  in  an  aqueous  solution  the 
reaction  can  be  formulated  as 

Cl2  +  21-  =  2C1-  +  I2 

The  chlorine  has  acted  as  an  electron  acceptor  or  oxidant  and  the  iodide 
ion  has  acted  as  an  electron  donor  or  reductant.  In  the  course  of  the 
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reaction  the  chlorine,  having  gained  electrons,  has  been  reduced  and 
the  iodide,  having  lost  electrons,  has  been  oxidized. 

There  are  many  oxidation-reduction  reactions  in  which  there  is  not 
a  complete  transfer  of  electrons.  When  the  reaction 

S  +  02  =  S02 

takes  place,  there  is  only  a  shift  of  the  outer  electrons  of  the  sulfur 
atom  toward  the  oxygen  atoms  and  not  a  complete  transfer.  However, 
it  is  customary  to  state  that  the  sulfur  is  oxidized  and  the  oxygen 
reduced.  Also,  consider  the  electrolytic  oxidation  of  manganous  ion, 
Mn(II),1  to  Mn02,  Mn(IV),  in  an  aqueous  solution.  Two  electrons  are 
removed  from  the  manganous  ion  by  the  anode  but  the  resultant  in- 
creased positive  charge  on  the  manganese  causes  the  formation  of 
electron-pair  bonds  with  the  oxygen  of  the  water  molecules  and  Mn02 
results.  The  anode  reaction  can  be  formulated  as 

Mn++  +  2H20  =  MnO20)  +  4H+  +  2e" 

Here  again,  even  though  the  manganese  is  surrounded  by  more  elec- 
trons, the  outer  electrons  have  been  shifted  toward  the  oxygen  atoms. 


Oxidation  States  and  Oxidation  Numbers 

The  change  taking  place  when  an  elementary  substance  gains  elec- 
trons (is  reduced)  can  be  formulated  as  an  electronic  reaction;  the 
following  equation  illustrates  this  change: 

Cl2  +  2e-  =  2C1~ 

Similarly,  when  an  elementary  substance,  such  as  zinc,  loses  electrons 
(is  oxidiz  ,a),  the  change  can  be  written 

Zn(s)  =  Zn++  +  2e~ 

Elementary  substances  are  electrically  neutral;  therefore,  when  an 
atom  of  an  elementary  substance  is  reduced  or  oxidized,  the  magnitude 
and  sign  of  the  resultant  charge  on  the  ion  are  determined  by  the 
number  of  electrons  gained  or  lost.  This  acquired  charge  determines 
the  oxidation  state  of  the  element  and  is  called  the  oxidation  number. 

1  Positive  oxidation  states  of  the  elements  are  commonly  indicated  as  shown  above  by  the 
symbol  for  the  element  followed  by  Roman  numbers  in  parentheses;  in  this  text,  a  minus  sign 
preceding  the  number  indicates  a  negative  oxidation  state. 
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As  an  example,  elementary  chlorine  has  zero  charge  and  therefore  it 
is  in  the  zero  oxidation  .state  and  has  an  oxidation  number  of  zero.  When 
reduced  to  chloride  ion,  CI-,  the  oxidation  state  is  uninegative  and 
the  oxidation  number  is  minus-one. 

The  term  valence  is  frequently  used  in  place  of  oxidation  state.  Thus 
zinc  in  Zn++  is  said  to  be  bivalent  and  chlorine  in  CI-  to  be  univalent, 
but  without  specifying  the  sign  of  the  charge.  Valence  was  originally 
used  to  indicate  the  combining  capacity  of  an  atom.  However,  it  is 
now  employed  to  designate  not  only  oxidation  state  but  the  number 
of  ionic  bonds,  covalent  bonds,  and  the  co-ordination  number.  The 
term  valence  will  not  be  used  hereafter  in  order  to  avoid  confusion  in 
identifying  these  various  concepts. 

As  stated  on  p.  22,  a  loss  or  gain  of  an  electron  or  a  change  of  one 
unit  in  oxidation  number  corresponds  to  one  oxidation-reduction 
equivalent ;  therefore  one  equivalent  is  involved  when  one  gram  atom 
of  elementary  chlorine  changes  to  chloride.  When  elementary  zinc 
loses  two  electrons  and  is  thus  oxidized  to  zinc  ion,  Zn++,  the  resulting 
oxidation  state  is  bipositive  and  the  oxidation  number  is  plus-two. 
Two  oxidation-reduction  equivalents  are  involved  when  one  gram 
atom  of  zinc  is  changed  to  zinc  ion. 

The  determination  of  the  oxidation  state  and  an  assignment  of  an 
oxidation  number  to  an  atom  in  a  covalently  bonded  molecule  or 
polyatomic  ion,  where  there  has  been  only  a  shift  and  not  a  complete 
loss  or  gain  of  electrons,  can  involve  considerable  uncertainty  and 
may  require  the  use  of  rather  arbitrary  rules.  Since  the  concept  of 
oxidation  numbers  is  extremely  useful  in  the  general  understanding  of 
oxidation-reduction  reactions  and  in  the  formulation  of  equations  for 
such  reactions,  the  following  rules  for  the  assignment  of  these  numbers 
are  given: 

1.  The  atoms  of  elementary  substances  are  in  the  zero  oxidation  state 
and  have  an  oxidation  number  of  zero. 

2.  A  monatomic  ion  has  an  oxidation  number  equal  to  the  charge  on  the 
ion.  The  oxidation  number  is  also  equal  to  the  number  of  electrons  lost  or 
gained  when  the  ion  is  formed  from  the  element. 

3.  The  algebraic  sum  of  the  oxidation  numbers  of  the  atoms  of  a  neutral 
molecule  is  zero;  the  algebraic  sum  of  the  oxidation  numbers  of  the  atoms 
of  a  polyatomic  ion  must  equal  the  charge  on  the  ion. 
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4.  The  oxidation  number  of  an  atom  in  a  covalently  bonded  neutral  mole- 
cule or  polyatomic  ion  is  the  charge  resulting  on  that  atom  when  the  electrons 
of  any  electron  pair-bond  of  that  atom  are  assigned  to  the  more  electronega- 
tive of  the  two  elements  involved.  (The  concept  of  electronegativity  is  dis- 
cussed on  pp.  101-103  of  this  book  and  in  general  chemistry  texts.) 

5.  In  an  oxidation-reduction  reaction  the  change  in  oxidation  number  of 
the  reductant  must  be  equal  to  the  change  in  oxidation  number  of  the  oxidant; 
there  may  be  more  than  one  oxidant  or  reductant  involved  in  a  reaction  and 
in  all  cases  the  net  oxidation  number  change  must  be  zero. 

It  is  useful  to  remember  that  in  their  stable  compounds  the  oxida- 
tion number  of  the  elements  of  column  I  of  the  periodic  table,  the  alkali 
metals,  is  always  +1,  and  that  of  the  elements  of  column  II,  the  alka- 
line earth  metals,  is  always  +2.  With  a  few  exceptions  the  maxi- 
mum positive  oxidation  number  of  an  element  will  not  exceed  the  num- 
ber of  the  column  of  the  periodic  table  in  which  that  element  appear-.; 
for  example,  sulfur  has  a  maximum  oxidation  number  of  +6.  Hydro- 
gen, except  in  hydrides,  is  assigned  an  oxidation  number  of  +1. 

In  determining  the  oxidation  number  of  the  atoms  in  an  ion  or  com- 
pound having  covalent  bonds,  fluorine  can  be  assigned  an  oxidation 
number  of  —1,  since  it  is  the  most  electronegative  element.  Oxygen  is 
usually  assigned  an  oxidation  number  of  —2;  the  most  frequent  excep- 
tion occurs  in  compounds  having  the  peroxide  linkage,  where  the 
oxidation  number  of  oxygen  is  —1. 

As  an  example  of  the  application  of  the  above  statements  we  arrive 
at  an  oxidation  number  of  +5  for  phosphorus  in  MgoP^Oy,  as  a  result 
of  assigning  oxidation  numbers  of  —2  to  the  oxygen  atoms  and  +2 
to  the  magnesium  atoms,  according  to  the  rule  that  for  any  species 
the  algebraic  sum  of  the  oxidation  numbers  of  all  the  atoms  present 
must  equal  the  charge  on  the  species.  The  sulfur  in  H2S2O7  would  be 
assigned  an  oxidation  number  of  +6  by  similar  reasoning.  The  sulfur 
in  H2SO5  would  not  have  the  value  which  can  be  computed  (+8) 
because  this  exceeds  the  number  of  the  column  of  the  periodic  table 
in  which  sulfur  appears.  The  behavior  of  this  compound  indicates  the 
presence  of  peroxide  oxygen;  if  2  oxygen  atoms  are  assigned  the  oxi- 
dation number  —  1,  the  correct  oxidation  number  for  the  sulfur,  +6, 
results.  This  compound,  called  peroxymonosulfuric  acid  or  Caro's 
acid,  has  the  structural  formula 
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The  manganese  in  MnNH4P04  would  be  assigned  an  oxidation  number 
of  +2  after  first  assigning  phosphorus  in  H3P04  the  number  +5  and 
nitrogen  in  NH3  the  number  —3. 

Assignment  of  oxidation  states  to  elements  in  compounds  containing 
other  than  single  bonds  and  to  compounds  having  two  or  more  atoms 
of  the  same  element  in  different  oxidation  states  requires  knowledge 
of  the  structure  of  the  molecule.  In  this  latter  case  nonintegral  numbers 
which  represent  an  average  oxidation  number  may  be  obtained; 
however,  such  numbers  can  be  used  for  balancing  oxidation-reduction 
reactions. 

For  example,  consider  the  oxidation  of  thiosulate,  S203=,  to  tetra- 
thionate,  S406=,  by  iodine,  which  is  used  in  P.  34.  The  unbalanced 
reaction  can  be  formulated  as 

i2  +  s2o3=  *  i-  +  s4o6= 

Since  the  iodine  changes  from  elementary  iodine,  oxidation  number 
zero,  to  iodide,  oxidation  number  —  1,  one  gram  atom  of  iodine  provides 
one  equivalent  and  one  mole  of  I2  two  equivalents  of  oxidant.  Applica- 
tion of  Rule  4  above  gives  an  average  oxidation  number  of  +2  for 
the  sulfur  atoms  of  S203=  and  of  +2-§-  for  those  of  S406=.  Since  the 
average  oxidation  number  change  per  atom  of  sulfur  is  0.5  and  there 
are  two  atoms  per  S203=,  one  mole  of  I2  will  react  with  2  moles  of 
thiosulfate  to  give  two  iodide  ions  and  one  tetrathionate  ion. 

Evidence  from  various  sources  indicates  that  one  of  the  thiosulfate 
sulfurs  behaves  as  a  sulfide  sulfur  and  that  the  electronic  structure  of 
thiosulfate  is 
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that  is,  the  sulfur  atoms  are  not  equivalent  but  one  can  be  assigned 
an  oxidation  number  of  —2  and  the  other  a  number  of  +6.  The  prefix 
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thio  (from  theion,  the  Greek  word  for  sulfur)  implies  that  thiosulfate  is 
sulfate  in  which  an  oxide  oxygen  has  been  replaced  by  a  sulfide  sulfur. 
The  structure  of  tetrathionate  is 
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the  two  connecting  sulfur  atoms  are  analogous  to  the  peroxide  oxygen 
atoms  in  the  peroxydisulfate  ion: 
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Oxidizing  and  Reducing  Agents 

Certain  substances  tend  to  lose  electrons  relatively  easily  and  thus 
act  as  electron  donors.  Examples  are  metallic  aluminum  and  tri- 
positive  titanium.  The  electronic  reactions  can  be  formulated  as 

A10)  =  A1+++  +  3e- 
and 

Ti+++  +  H20  =  TiO++  +  2H+  +  e~ 

These  substances  are  spoken  of  as  reducing  agents.  Electronic  reac- 
tions such  as  the  above  are  called  half-cell  reactions  because  they  can 
represent  the  reaction  taking  place  at  one  of  the  electrodes  of  an 
electrolytic  cell. 

Certain  other  substances  have  a  relative  tendency  to  gain  electrons 
and  thus  to  act  as  electron  acceptors.  Examples  are  elementary  chlorine 
and  permanganate  ion.  The  electronic  reactions,  which  by  convention 
are  written  with  the  electrons  on  the  right  side  of  the  equation,  are 

2C1-  =  CI,  +  2e- 
and 

Mn++  +  4H20  =  MnOr  +  8H+  +  5e~ 

These  substances  are  spoken  of  as  oxidizing  agents. 
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The  above  electronic  reactions  can  be  generalized  as  follows: 

Reductant  =  Oxidant  +  Electrons 

Thus  it  is  apparent  that  a  reductant,  or  electron  donor,  upon  losing 
electrons  becomes  an  oxidant,  or  electron  acceptor.  In  the  cases  given 
above  the  reductants  are  usually  called  reducing  agents  when  the 
electronic  reaction  has  a  strong  tendency  to  proceed  from  left  to  right. 
The  oxidants  are  called  oxidizing  agents  when  the  reaction  has  a  tend- 
ency to  proceed  in  the  opposite  direction. 

There  are  other  electronic  reactions  where  there  is  no  strong  tend- 
ency for  the  reaction  to  proceed  in  either  direction.  Examples  of  such 
reactions  are 

Fe++  =  Fe+++  +  e~ 
and 

21-  =  I2  +  2e~ 

For  any  one  of  the  above  half-cell  reactions  to  proceed  in  either 
direction,  another  half-cell  reaction  must  proceed  in  the  opposite 
direction  since  the  electrical  neutrality  of  the  solution  must  be  main- 
tained; there  can  be  no  net  loss  or  production  of  electrons  in  solution. 
The  directions  in  which  the  two  half-cell  reactions  will  proceed  will  be 
determined  by  the  relative  tendencies  of  the  reacting  species  to  take 
up  or  lose  electrons. 

"We  have  said  that  chlorine  is  termed  an  oxidizing  agent  because 
the  chloride-chlorine  half-cell  reaction  tends  to  proceed  from  right  to 
left;  also,  that  the  iodide-iodine  half-cell  has  no  pronounced  tendency 
to  proceed  in  either  direction.  We  may  combine  these  two  electronic 
reactions  so  that  electrical  neutrality  is  maintained  and  obtain  the 
over-all  reaction  in  a  solution  containing  these  two  half-cell  constitu- 
ents: 

21-  =  I2  +  2e" 
_  (gci-  =  Cl2  +  2e~) 
21-  +  Cl2  =  2C1-  +  I2 

"We  predict  that  the  over-all  reaction  shown  here  would  proceed  from 
left  to  right  with  the  chlorine  taking  electrons  from  the  iodide  and 
being  reduced  to  chloride.  The  oxidation  of  iodide  ion  by  chlorine  is 
an  experimental  fact. 
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Balancing  Oxidation-Reduction  Equations 

Two  methods  are  in  general  use  for  balancing  oxidation-reduction 
equations.  In  the  first  of  these — which  was  used  to  obtain  the  equation 
given  just  above — two  balanced  half-cell  equations  are  combined  so 
that  the  electrons  involved  are  cancelled  and  a  complete  reaction  is 
obtained.  As  another  example  of  this  method,  we  may  formulate  an 
equation  for  the  reaction  between  mercuric  ion  and  chromous  ion. 
The  two  half-cell  reactions  are 

Hg(/)  =  Hg++  +  2e~ 

Cr++  =  Cr+++  +  e- 

In  order  to  maintain  electrical  neutrality  the  same  number  of  elec- 
trons must  be  contributed  by  each  half-cell  reaction  to  the  complete 
reaction.  Therefore  we  multiply  the  chromium  half-cell  reaction  by 
two,  and  then  subtract  the  mercury  half-cell  reaction  from  it  as  follows: 

2(Cr++  =  Cr+  +  +  +  e~) 
-(Hg(/)  =  Hg+++ge~) 
2Cr++  +  Hg++  =  2Cr+++  +  Hg(J) 

This  is  the  balanced  chemical  equation. 

Oxidation-reduction  equations  which  involve  species  other  than 
those  being  oxidized  and  reduced,  such  as  water,  hydrogen  ions,  etc., 
are  more  complicated.  However,  they  can  be  readily  balanced  once 
the  half-cell  reactions  involved  are  properly  balanced. 

Let  us  consider  the  equation  for  the  oxidation  in  an  acid  solution 
of  ferrous  iron  by  permanganate.  It  is  known  that  under  such  condi- 
tions permanganate  will  oxidize  Fe(II)  to  Fe(III)  and  that  the  per- 
manganate will  be  reduced  to  manganous  ion,  Mn++.  The  Fe(II)- 
Fe(III)  half-cell  reaction  may  be  written  as 

Fe++  =  Fe+  +  +  +  e~ 

The  half-cell  reaction  involving  the  reduction  of  permanganate  is 
more  complicated.  We  know  that  5  electrons  will  be  involved,  since 
the  manganese  changes  from  an  oxidation  number  of  +7  in  per- 
manganate to  +2  in  manganous  ion.  If  this  change  is  formulated  as 
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Mn++  ^  Mn04-  +  5e~, 
it  is  apparent  that  no  provision  has  been  made  for  the  oxide  oxygens 
released  by  reduction  of  the  Mn(VII)   when  this  half -cell  reaction 
proceeds  from  right  to  left.  Since  in  an  acid  solution  oxide  ions  will 
quantitatively  react  with  hydrogen  ions  to  give  water, 

0=  +  2H+  =  H20, 

we  must  provide  eight  hydrogen  ions  on  the  right  side  of  the  equation 
and  will  obtain  four  waters  on  the  left  side.  Thus  we  obtain  the  bal- 
anced half-cell  reaction 

Mn++  +  4H20  =  MnOr  +  8H+  -f-  5e~ 

This  half-cell  reaction  now  shows  that  acid  will  be  used  and  water 
formed  when  permanganate  is  reduced  to  Mn++,  and  conversely  that 
H+  will  be  formed  when  Mn++  is  oxidized  to  Mn04~.  We  see  also  that 
increasing  the  [H+]  will  cause  an  increase  in  the  tendency  of  the  reac- 
tion to  proceed  from  right  to  left,  that  is,  for  permanganate  to  act  as 
an  oxidizing  agent. 

Returning  to  the  formulation  of  the  equation  for  the  oxidation  of 
Fe(II)  by  Mn04_,  we  see  that  when  we  combine  the  two  half -cell 
reactions  to  get  the  balanced  equation  we  must  multiply  the  Fe(II)- 
Fe(III)  half -cell  reaction  by  5  to  preserve  electrical  neutrality 

5(Fe+  +  -  Fe+++  +  e") 
-(Mn++  +  4H20  =  Mn04~  +  8H+  +  5e~) 
5Fe++  +  Mn04"  +  8H+  =  5Fe+  +  +  +  Mn++  +  4H20 

The  second  method  for  balancing  redox  equations  is  based  upon  the 
fact  that,  in  a  balanced  redox  equation,  the  total  oxidation  number 
change  for  those  substances  being  oxidized  must  just  cancel  the  total 
oxidation  number  change  for  those  substances  being  reduced.  In 
one  of  the  examples  above,  chromous  ion  was  oxidized  to  chromic  ion; 
the  oxidation  number  of  the  chromium  changed  from  +2  to  +3,  or 
plus  one  unit  per  atom.  The  mercury  was  reduced,  its  oxidation  num- 
ber changing  from  -f-2  to  0,  or  minus  2  units  per  atom.  In  order  to 
cancel  oxidation  state  changes,  we  must  have  two  chromium  atoms 
reacting  with  one  mercury  atom.  We  first  write  down  the  "skeleton 
equation,"  that  is,  the  known  reactants  and  products: 

Cr++  +  Hg++  ^  Cr+++  +  Hg(Z)  (not  balanced) 
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Then  we  adjust  the  coefficients  of  the  reactants  and  the  products  so 
that  the  ratio  we  calculated  earlier  (2Cr++/lHg++)  is  maintained: 

2Cr++  +  Hg++  =  2Cr+++  +  Hg(Z) 

As  a  check  we  should  verify  that  the  algebraic  sum  of  the  charges  is 
the  same  on  each  side  of  the  equation;  for  this  equation  we  see 
that  6+  =  6  +  . 

Let  us  consider  the  application  of  the  second  method  to  the  oxida- 
tion of  Fe(II)  by  permanganate.  As  stated  earlier,  it  is  known  that  in 
acid  solution  permanganate  ion  will  oxidize  ferrous  ion  to  ferric  ion 
and  the  permanganate  will  be  reduced  to  manganous  ion,  Mn++. 
This  gives  us  sufficient  information  to  formulate  a  balanced  equation. 
We  write  down  first  the  skeleton  equation  in  terms  of  the  reactants 
and  products: 

Mn04-  +  Fe+  +  ^  Fe+++  +  Mn++  (not  balanced) 

The  oxidation  number  of  iron  in  the  ferrous  state  is  +2,  in  the  ferric 
state  +3;  the  change  per  iron  atom  is  +1.  The  oxidation  number  of 
manganese  in  permanganate  is  +7,  in  manganous  ion  +2;  the  change 
is  —5  per  manganese  atom.  In  order  for  these  changes  to  cancel  ex- 
actly, we  must  have  5  iron  atoms  per  manganese  atom,  or 

MnOr  +  5Fe++  ^  Mn++  +  5Fe+++  (not  balanced) 

Again,  as  each  permanganate  ion  is  reduced  to  Mn++,  4  oxide  ions  are 
released;  each  reacts  immediately  with  2  hydrogen  ions  to  form  water. 
Adding  the  necessary  8  hydrogen  ions  to  the  reactants  and  the  result- 
ing 4  water  molecules  to  the  products  gives  the  balanced  equation : 

MnOr  +  5Fe++  +  8H+  =  5Fe+++  +  Mn++  +  4H20 

We  check  the  result  by  algebraically  summing  the  charges  on  each 
side  of  the  equation  and  find  17+  =  17  +  . 

If  oxygen  acids  and  their  anions,  such  as  permanganate,  chromate, 
nitrate,  chlorate,  etc.,  are  reduced  in  neutral  or  basic  rather  than  acidic 
solutions,  the  oxygen  atoms  released  will  react  with  protons  from  water, 
forming  hydroxide  ions;  these  are  used  to  balance  the  oxygen  and  hy- 
drogen atoms  in  either  half-cell  or  whole  reactions  which  take  place 
in  neutral  or  basic  solutions.  On  the  other  hand,  if  species  containing 
oxygen  are  formed  in  an  oxidation-reduction  reaction,  we  must  provide 
water  or  hydroxide  ion  as  a  reactant  to  furnish  the  oxygen.  For  ex- 
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ample,  in  a  slightly  alkaline  solution  chromium  (III)  as  chromic  hy- 
droxide can  be  oxidized  by  chlorine  to  chromate  ion: 

Cr(OH)3(s)  +  Clo  5*  Cr04=  +  Or  (not  balanced) 

The  oxidation  number  changes  are  +3  per  chromium  atom  and  —1 
per  chlorine  atom;  balancing  these  we  obtain 

2Cr(OH)s(s)  +  3C1,  ^  2Cr04=  +  6C1-  (not  balanced) 

Here  we  have  formed  2  chromate  ions,  each  with  4  oxygen  atoms.  In 
a  basic  solution  2  hydroxide  ions  can  furnish  one  oxygen  atom  as  oxide 
and  one  water  molecule.  We  need  a  total  of  16  OH-  as  reactants  in  this 
case,  so  subtracting  the  6  already  present  in  the  chromic  hydroxide, 
we  write 

2Cr(OH)3(s)  +  3C12  +  10OH"  =  2Cr04=  +  6C1~  +  8H20 

which  is  the  balanced  equation. 

//;  formulating  equations  an  attempt  should  always  be  made  to  write 
the  formulas  of  the  predominant  species  present.  Thus  in  a  slightly 
alkaline  solution  we  wrote  Cr(OH)3  and  not  Cr+++,  which  is  almost 
nonexistent  in  such  solutions;  in  a  concentrated  hydroxide  solution 
the  chromium  would  be  present  as  Cr(OH)4~.  Similarly,  we  could 
write  as  a  more  extreme  example 

Mn7+  +  5Fe++  =  5Fe+  +  +  +  Mn++ 

This  equation  is  misleading  in  that  it  fails  completely  to  show  the 
hydrogen  ion  dependence  of  this  reaction,  and  also  indicates  that  an 
ion  could  exist  in  aqueous  solution  with  a  7+  charge!  All  equations 
should  be  formulated  in  terms  of  the  predominant  chemical  species 
participating.  When  this  is  done  the  mass-action  expressions  formu- 
lated from  these  equations  show  much  more  correctly  the  effect  on  the 
equilibrium  of  changes  in  the  concentrations  of  the  various  species. 


Electrolytic  Oxidation-Reduction  Reactions 

As  stated  earlier,  in  order  for  an  electronic  reaction  to  proceed  in 
either  direction  there  must  be  some  means  of  supplying  or  taking  up 
electrons.  This  can  be  done  in  an  electrolytic  cell  by  means  of  conduct- 
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ing  electrodes.  When  the  electrode  supplies  electrons  it  is  called  the 
cathode,  the  electronic  reaction  at  the  electrode  proceeds  from  right  to 
left,  and  reduction  takes  place.  When  the  electrode  removes  electrons 
it  is  called  the  anode,  the  electronic  reaction  proceeds  fro m  left  to  right, 
and  oxidation  takes  place.  When  a  current  is  passed  through  a  cell, 
an  equal  number  of  electrons  is  transferred  at  each  electrode  and  the 


Anode     reaction       *.      2   CI 


CL   +     2e" 


Cathode  reaction       '.        H  z      \ 2.  H  +   4-     Z  e  ~ 

j 
Cell     reaction         :    2  Cl"+  2+l+   — \     Clz+  H. 


Cathode 


Figure  1.     An  electrolytic  cell. 
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net  result  of  the  two  electronic  reactions  is  a  complete  oxidation- 
reduction  or  cell  reaction.  Thus,  when  by  means  of  an  external  source 
of  potential  a  current  is  passed  through  a  hydrochloric  acid  solution 
contained  in  beakers  arranged  as  shown  in  Figure  1  (to  prevent  mixing 
of  electrode  reaction  products),  the  following  two  electronic  reactions 
proceed  in  opposite  directions: 

Anode  reaction:  2C1~  — >■  Cl2  +  2e~ 
Cathode  reaction:  H2  •* —  2H+  +  2e~ 
Cell  reaction:  2C1"  +  2H+  — >  CI,  +  H2 

Electrical  neutrality  is  maintained  and  the  two  electronic  reactions 
can  be  combined  as  though  a  direct  chemical  reaction  were  taking 
place.  One  sees  that  the  result  of  the  cell  reaction  is  the  production 
of  chlorine  and  hydrogen. 


Cell  and  Half-Cell  Potentials 

Chlorine  has  a  strong  tendency  to  take  up  electrons  and  act  as  an 
oxidizing  agent,  and  therefore  the  chloride-chlorine  half-cell  has  a 
strong  tendency  to  proceed  from  right  to  left.  The  hydrogen-hydrogen 
ion  half-cell  is  intermediate  in  this  respect,  and  so  we  predict  that 
chlorine  would  react  with  hydrogen,  forming  chloride  ion  and  hydrogen 
ion.  The  cell  reaction  above  shows  the  chloride-chlorine  half -cell  pro- 
ceeding from  left  to  right,  in  opposition  to  its  tendency.  The  whole- 
cell  reaction  would  in  fact  reverse  if  the  source  of  external  potential 
(the  battery)  were  removed,  and  the  cell  would  then  send  a  current 
through  the  circuit  opposite  to  the  current  which  was  sent  by  the 
battery.  It  is  the  battery  which  is  forcing  current  through  the  cell 
and  forcing  this  cell  reaction  to  proceed  from  left  to  right,  whereas 
its  tendency  is  to  proceed  from  right  to  left.  If  the  external  potential 
is  gradually  decreased,  less  and  less  current  is  forced  through  the 
circuit;  eventually  a  potential  would  be  reached  at  which  there  would 
be  no  current;  finally,  with  further  decrease  of  the  external  poten- 
tial, the  cell  begins  to  send  current  in  the  opposite  direction.  ^Yhen 
there  is  no  tendency  for  current  to  flow  through  the  circuit  the  ex- 
ternal potential  is  equal  and  opposite  to  that  of  the  cell,  and  a  state 
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of  equilibrium  exists.  The  potential  of  the  cell  under  these  conditions 
is  called  the  cell  potential  and  is  numerically  equal  to  the  external 
potential.  The  cell  potential  is  determined  by  the  particular  half -cells 
involved  and  since  the  two  half-cells  are  electrically  opposed  (the  half- 
cell  reactions  are  of  necessity  proceeding  in  opposite  directions),  the 
cell  potential  is  the  algebraic  difference  between  the  two  half-cell  po- 
tentials. Cell  and  half-cell  potentials  are  usually  expressed  in  volts. 

Under  specified  or  standard  conditions  with  regard  to  the  concentra- 
tions (or  more  rigorously,  the  activities)  of  the  half-cell  reactants,  each 
half-cell  has  a  characteristic  potential  which  is  a  measure  of  the  tend- 
ency of  that  half-cell  to  lose  or  acquire  electrons,  and  thus  to  cause 
reduction  or  oxidation.  Measurement  of  the  absolute  value  of  a  single 
half-cell  potential  is  experimentally  difficult,  but  the  measurement  of 
the  potential  of  a  cell  is  a  relatively  simple  procedure.  If  any  one 
half-cell  is  assigned  an  arbitrary  value  all  other  half-cells  can  be 
coupled  with  this  half-cell,  the  whole-cell  potential  measured,  and  the 
other  half -cells  given  values  relative  to  the  standard  half -cell.  This 
expedient  has  been  adopted  and  the  so-called  hydrogen  electrode,  or 
hydrogen  half-cell 

H2  (gas,  1  atm)  =  2H+  (aqueous,  1  M)  +  2e~ 

has  been  arbitrarily  assigned  a  standard  potential  of  zero.  (For  more 
rigorous  purposes  the  hydrogen  ion  is  specified  as  at  unit  activity.) 
As  a  result,  when  any  other  half-cell  is  combined  with  the  standard 
hydrogen  half-cell  to  give  a  complete  cell,  the  resulting  cell  potential 
is  also  the  potential  of  the  other  half-cell.  When  the  concentrations 
of  the  reactants  of  the  second  half-cell  are  1  molar  (or  rigorously,  at 
unit  activity)  the  value  of  the  half -cell  potential  is  termed  the  standard 
or  "molar"  half-cell  potential;  the  symbol  E0  (or  E°)  is  used  to  desig- 
nate this  value. 

When  one  of  the  constituents  of  a  half-cell  reaction  is  a  relatively 
insoluble  gas,  the  partial  pressure  of  that  gas  above  the  solution  is 
more  readily  measured  and  will  be  used  instead  of  the  molar  concen- 
tration of  the  dissolved  gas.  The  partial  pressure  is  usually  expressed 
in  atmospheres.  This  was  indicated  in  formulating  the  hydrogen  elec- 
trode half -cell  above;  this  half-cell  is  given  the  value  zero  when  the 
partial  pressure  of  the  hydrogen  gas  in  equilibrium  with  the  solution 
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is  exactly  one  atmosphere  and  the  concentration  of  hydrogen  ion  is 
exactly  one  molar.  When  one  of  the  reactants  is  a  slightly  soluble 
substance  the  standard  potential  refers  to  a  saturated  solution  of  the 
solid  and  (s)  appears  after  that  substance  in  the  half-cell  reaction,  as 
Mn02(s). 

Table  2  lists  the  standard  potentials,  relative  to  the  hydrogen  half- 
cell  taken  as  zero,  of  the  half-cell  reactions  used  in  the  analysis  of  the 
Halogen  Group,  pp.  355-368. 

TABLE  2.     Standard  Potentials  of  Half-Cell  Reactions  Used  in  Analysis  of  the 
Halogen  Group 

Reaction  E0,  volts 


Zn(s)  =  Zn+++  2e-  +0.76 

H2(g)  =  2H+  +  2e~  ±0.00 

21-  =  L>0)  +  2e~  -0.54 

Ag(s)  =  Ag++  e"  -0.80 

HN02  +  H20  =  N03-  +  3H+  +  2e~  -0.94 

NOfo)  -I-  H20  =  HN02  +  H+  +  e~  -0.98 

2Br"  =  Br2  +  2e-  -1.07 

Mn++  +  2H20  =  MnO20)  +  4H+  +  2e~  -1.24 

2Cl-  =  Cl2  +  2e-  -1.36 

Mn++  +  4H20  =  MnOr  +  8H+  +  5e~  -1.45 

In  this  book  the  potentials  of  those  reactions  which  have  a  greater 
tendency  than  the  hydrogen-hydrogen  ion  half-cell  to  proceed  from 
left  to  right  are  given  a  positive  sign,  while  those  which  have  a  greater 
tendency  than  the  hydrogen  half-cell  to  proceed  from  right  to  left 
are  given  a  negative  sign.  The  table  of  Appendix  5,  p.  448,  lists  the 
standard  half-cell  potentials  which  are  involved  in  this  system  of 
analysis  together  with  others  of  importance  in  analytical  work. 


Effect  of  Concentrations  on  Half-Cell  Potentials 

As  with  other  chemical  equilibria,  one  would  expect  that  the  tend- 
ency of  a  half-cell  reaction  to  take  up  or  lose  electrons,  and  therefore 
its  half-cell  potential,  would  be  affected  by  the  concentrations  of  the 
half-cell  reactants.  This  is  indeed  the  case  and  this  effect  of  concentra- 
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tion  upon  the  half-cell  potential  is  shown  by  an  equation,  frequently 
called  the  Nernst  equation,  which  can  be  written  in  the  following  form: 

E  =  E0-  ^  log10  Q 
n 

Here  E0  is  the  standard  half-cell  potential,  E  is  the  half-cell  potential 

(in  volts)  for  the  prevailing  concentrations,  0.059  is  a  constant  having 

this  value  only  at  25°  C,  n  is  the  number  of  electrons  involved  in  the 

half-cell  reaction,  and  Q  is  the  equilibrium  expression  for  the  half-cell 

reaction,  not  including  the  electrons. 

An  inspection  of  the  above  equation  shows  that  since  the  log  is 

0  059 
base  10,  there  will  be  a  change  of  — : volt  for  each  10-fold  change  in 

the  value  of  Q.  Since  for  a  1 -electron  half -cell  n  =  1,  there  will  be  a 
change  of  approximately  0.06  v  for  each  10-fold  change  in  the  value  of 
Q.  Thus,  for  the  half -cell  reaction 

Ag(s)  =  Ag+  +  e- 
where 

E  =  -0.80  -  ^log[Ag+] 

there  will  be  a  0.06  v  change  for  every  10-fold  change  in  the  silver  ion 
concentration.  For  the  reaction 

Fe++  -  Fe+++  +  e~ 
where 

£=-0.78-°f.ogI^ 

there  will  be  a  0.06  v  change  for  a  10-fold  change  in  the  ratio 
[Fe+++]/[Fe++].  For  a  2-electron  half-cell,  where  n  =  2,  there  will 
be  a  0.03  v  change  in  E  for  a  10-fold  change  in  Q,  and  0.02  v  for  a  3-elec- 
tron  half-cell. 

Let  us  consider  the  application  of  these  considerations  to  an  ex- 
perimental situation.  In  P.  104  of  this  system  of  analysis,  the  possible 
constituents  of  the  Halogen  Group  precipitate  are  Agl,  AgBr,  and 
AgCl.  This  group  precipitate  is  treated  with  ammonium  hydroxide 
and  an  excess  of  metallic  zinc  in  order  to  reduce  the  silver  to  the  metal 
and  thus  obtain  a  silver-free  solution  of  the  halide  ions.  Neglecting  the 
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effect  of  the  ammonia,  the  reaction  with  an  Agl  precipitate  would  be 

ZnO)  +  2  Agl  (s)  =  Zn++  +  2Ag(«)  +  2I~ 

Use  of  the  Nernst  equation  will  allow  us  to  predict  how  completely 
the  metallic  zinc  will  remove  silver  ion  from  this  Halide  Group  precipi- 
tate. If,  for  convenience,  we  assume  that  the  final  zinc  ion  concentra- 
tion is  1  M,  the  zinc-zinc  ion  potential  will  be  +0.76  v.  There  is  a  dif- 
ference of  1.56  v  between  this  value  and  the  value  of  the  silver-silver 
ion  standard  potential  which  is  —0.80  v.  The  silver-silver  ion  potential 
(not  its  standard  potential)  must  equal  the  zinc-zinc  ion  potential  at 
equilibrium;  that  means  it  must  become  1.56  v  more  positive  than  its 
standard  potential.  It  becomes  0.06  v  more  positive  for  each  10-fold  de- 
crease in  the  silver  ion  concentration.  Therefore  the  silver  ion  concen- 
tration must  decrease  from  the  standard  value  of  one  molar  by 
(1.56/0.06)  X  10-fold  or  to  1  X  10-26  molar  before  equilibrium  is  es- 
tablished. Since  the  solubility  product  for  Agl  is  1  X  10~16,  the  [Ag+] 
required  to  saturate  a  solution  1  M  in  iodide  is  1  X  10~16.  This  value  is 
large  compared  to  1  X  10-26  and  therefore  no  precipitate  of  Agl 
should  remain  after  the  solution  has  attained  equilibrium  with  the 
metallic  zinc.  These  calculations  lead  to  the  conclusion  that  even 
though  Agl  is  very  insoluble,  if  equilibrium  is  attained  the  reaction 

2  Agl  (s)  +  Zn(.s)  =  2Ag(«)  +  21"  +  Zn++ 

will  proceed  until  there  is  no  silver  iodide  precipitate  left.  These  cal- 
culations do  not  give  information  as  to  how  fast  equilibrium  is  estab- 
lished. In  addition,  the  fact  that  both  silver  and  zinc  ions  tend  to 
form  complex  ions  with  ammonia,  such  as  Ag(NH3)2+  and  Zn(NH3)4++, 
would  have  to  be  considered  in  a  more  quantitative  treatment  of  this 
situation. 

It  has  previously  been  stated  that  when  two  half-cell  reactions  are 
combined  to  obtain  a  cell  reaction,  the  cell  potential  is  the  algebraic 
difference  of  the  two  half -cell  potentials.  One  of  the  half -cell  reactions 
will  have  to  proceed  from  right  to  left  in  the  whole  reaction;  it  is  the 
E0  of  this  half -cell  reaction  which  is  subtracted  from  the  E0  of  the  half- 
reaction  which  proceeds  from  left  to  right  to  give  the  E0  of  the  cell 
reaction.  In  P.  105  HN02  is  used  to  oxidize  iodide.  The  half-cell  reac- 
tions and  half-cell  standard  potentials  are  used  to  obtain  the  cell 
reaction  and  cell  standard  potential  as  follows: 
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21"  =  I2(«)  +  2e~  E0  =  -0.53  v 

-  (2NO  +  2H2Q  =  2HNO>  +  2H+  +  2e~) -0.98 

21-  +  2HN02  +  2H+  =  I2{s)  +  2NO  +  2H20  +0.45 

Note  that  the  electron  exchange  between  the  two  half-cells  has  to 
be  balanced  by  multiplying  the  NO-HN02  half-reaction  by  2,  but 
that  this  does  not  change  the  E0  of  this  half-reaction.  Also  note  that 
the  value  for  the  iodide-iodine  half-cell  potential  and  therefore  for  the 
cell  potential  applies  only  to  a  saturated  iodine  solution,  or,  one  in 
equilibrium  with  solid  iodine. 

It  was  stated  above  that  a  standard  half-cell  potential  was  assigned 
a  positive  value  if  the  tendency  of  that  half-cell  was  to  proceed  from 
left  to  right  relative  to  the  hydrogen  half-cell,  and  conversely  a  nega- 
tive value  indicated  a  relative  tendency  to  proceed  from  right  to  left. 
When  this  convention  is  used  and  two  half-cell  reactions  and  their 
potentials  are  combined  to  give  a  whole  cell  reaction  and  a  cell  poten- 
tial, a  positive  sign  for  the  cell  potential  indicates  a  tendency  for  the 
cell  reaction  under  standard  conditions  to  proceed  from  left  to  right; 
a  negative  sign  indicates  the  opposite  tendency.  The  positive  value  of 
-f  0.45  v  obtained  above  for  the  iodide-nitrous  acid  cell  reaction  indi- 
cates a  tendency  for  that  reaction  to  proceed  from  left  to  right. 

Calculation  of  Equilibrium  Constants  from  Standard 
Half-Cell  Potentials 

The  Nernst  equation  and  half-cell  potential  values  can  be  used  to 
obtain  more  quantitative  information  concerning  the  concentrations 
prevailing  in  a  cell  reaction  under  equilibrium  conditions.  When  two 
half-cell  reactions  attain  equilibrium,  their  half-cell  potentials  are 
equal.  As  a  result,  the  two  Nernst  equations  describing  the  two  half- 
cell  reactions  can  be  set  equal  and  combined  to  give  the  following 
equation  relating  the  cell  potential  under  standard  conditions  (E0  (cell)) 
to  the  equilibrium  constant,  K,  for  the  cell  reaction.  Thus  for  any  two 
half-cells  with  the  same  value  of  n, 

E'  =  jEy  -  °^  ,      q, 
n 

E"  =  E0"  -  ^^  log  Q" 
n 
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(Q'  or  Q"  may  be  adjusted  to  obtain  the  same  value  of  n  in  both  cases, 
as  was  done  in  the  example  above.)  At  equilibrium  E'  =  E" ,  so 


and 


j-,  ,       0.059  .      n,        „  „       0.059  ,       ~„ 

E0 log  Q   =  E0' log  Q" 


F,        w„       0.059 ,      Q' 
E0   -E0    _-_log- 


Now,  E0'  —  Ea"  is  the  cell  potential,  E0  (ceU),  under  standard  conditions, 
and  Q'/Q"  is  the  equilibrium  expression  for  the  cell  reaction.  Therefore 

r  0.059 .       „ 

E0  (cell)    =    lOg  A 

Thus  for  the  iodide-nitrous  acid  cell  reaction  discussed  above, 

„,        r               0.059 ,  1 

E   =  Eoa-M —  log 


2         &  [I"]2 
and 

™  _  '  0,059        rHXQ8irH+l 

&       —   ^0(NO,HNO!) \         lGg  

1  Pso 

Adjusting  the  log  term  in  E"  to  obtain  the  same  value  of  n  in  both 
equations,  and  equating  E'  to  E"  gives 

„  0.059 ,  1  j,  0.059,       [HN02]2[H+]2 

-C-0(I-,I2) 5 lOg  —   A0(NO,HNO2) g lOg  ^        

or 

a  to        /     n  no\        0.059,  (Pno)2  0.059,       „ 

_0.o3  _  (_0.98)  --F-'°g[Ht],[^0l],[I-],  =  -J- log  A 

Since  n  =  2,  we  find  that  logio  K  =  15.3  and  therefore 

(j?No)2 


K  =  2  X  1015  = 


[H+]2[HNO,]2[I-]: 


This  equilibrium  expression  and  equilibrium  constant  can  be  used 
to  make  a  prediction  as  to  how  completely  iodide  will  be  oxidized  to 
iodine  under  conditions  approximating  those  used  in  P.  105.  As 
pointed  out  above,  this  value  of  A'  is  valid  only  for  a  solution  sat- 
urated with  solid  iodine. 

In  order  to  simplify  the  calculations  let  us  assume  the  iodide  initially 
present  is  adequate  when  oxidized  to  saturate  the  solution  with  iodine; 
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that  the  final  [H+]  =  1 ;  and  that  1  F  KN02  is  added  until  there  is  a 
0.05  ml  (1  drop)  excess  in  5  ml  of  solution.  The  concentration  of  the 

excess  KN02  will  be  1  F  X  — r~  =  1  X  10-2  F.  Since  nitrous  acid  is 

5  ml 

a  weak  acid  (KA  =  4.5  X  10-4),  the  nitrite  would  be  essentially  com- 
pletely converted  into  HN02  in  a  solution  1  molar  in  hydrogen  ion; 
therefore,  we  assume  that  the  final  equilibrium  concentration  of  HN02 
is  1  X  10-2  molar.  Let  us  also  assume  that  there  has  been  sufficient 
NO  formed  to  give  a  partial  pressure  of  0.1  atmosphere  above  the 
solution. 

Having  made  these  assumptions  we  can  substitute  these  values  in 
our  equilibrium  expression  and  solve  for  the  equilibrium  iodide  concen- 
tration as  follows: 


=  2  X  101 


[I-]2[HN02]2[H+]2  "  [I-]2(0.01)2(l)! 
and 

[I-]  =  2.2  X  10-7 


The  milligrams  of  iodide  left  in  5  ml  of  a  solution  which  is  2.2  X  10 


-7 


■6 


molar  in  iodide  are  calculated  as  follows: 

Since  2.2  X  10-7  mole/liter  =  2.2  X  10-7  mmole/ml,  we  have  in  the 
5  ml  of  solution  5  X  2.2  X  10"7  =  1.1  X  10~6  mmole  of  iodide.  The 
atomic  weight  of  iodine  is  126.92  and  therefore  the  milligrams  of  iodide 
would  be  127  X  1.1  X  10"6  =  1.4  X  10"4  or  0.00014  mg.  This  quan- 
tity is  so  small  we  can  assume,  if  equilibrium  is  attained,  that  the 
conversion  of  iodide  to  iodine  would  be  experimentally  quantitative 
under  the  conditions  of  P.  105.  Actually,  the  experimental  conditions 
are  even  more  favorable;  the  carbon  tetrachloride  which  is  present 
extracts  the  iodine  from  the  aqueous  solution  so  completely  that  the 
iodine  concentration  never  reaches  the  saturation  value. 

Attainment  of  equilibrium  is  assumed  in  the  above  calculations. 
The  oxidation  of  iodide  by  nitrous  acid  proceeds  so  rapidly  that  this 
assumption  is  valid  for  this  reaction.  However,  as  is  explained  in  the 
discussion  of  P.  107,  p.  364,  there  are  many  reactions,  especially 
oxidation-reduction  reactions,  in  which,  in  spite  of  very  favorable 
equilibrium  conditions,  the  rate  of  attainment  of  equilibrium  is  so 
slow  that  these  reactions  are  of  no  value  for  analytical  purposes. 

Other  applications  of  oxidation-reduction  reactions  are  discussed  in 
connection  with  the  various  procedures  in  which  they  occur. 
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QUESTIONS  AND  PROBLEMS 


1.  What  is  the  chemical  meaning  of  oxidation?  Reduction? 

2.  Define  reducing  agent;  oxidizing  agent;  cathode;  anode. 

3.  Apply  the  rules  given  in  this  chapter  to  calculate  the  oxidation  num- 
ber of: 

(a)  Mn  in  KMn04  (d)  N  in  N2H5+ 

(b)  SiinLi2SiF6  (e)   P  in  H2POr 

(c)  Cr  in  K2Cr207  (/)  Mn  in  Mn304 

(g)  What  can  be  stated  regarding  the  oxidation  states  of  the  individual 
atoms  of  Cr,  N,  and  Mn  in  (c),  (d),  and  (/),  respectively? 

4.  (a)  Draw  a  diagram  of  the  electrolytic  cell  resulting  from  passing  an 
electrical  current  between  two  inert  electrodes  in  a  sulfuric  acid  solution. 
Show  the  constituents  of  the  solution  and  all  reactants  and  products.  (6)  Com- 
bine the  predominant  anode  and  cathode  half-cell  reactions  to  give  the  cell 
reactions,  (c)  What  would  be  the  predominant  half -cell  reactions  if  the  sulfuric 
acid  solution  also  contained  copper  sulfate? 

5.  (a)  What  is  meant  by  half-cell  potentials?  (b)  By  a  standard  half-cell 
potential?  (c)  What  conventions  have  been  established  regarding  the  values 
assigned  to  half-cell  potentials? 

6.  What  would  be  the  Mn(II)-Mn(VII)  half-cell  potentials  in  solutions 
having  the  following  concentrations: 

(a) 
(&) 
to 

(d) 

to 

(/) 

(g)  Formulate  a  general  statement  regarding  the  effect  upon  the 
Mn(II)-Mn(VII)  half-cell  potential  (and  the  resultant  oxidizing  and  reduc- 
ing tendency)  of  changing  the  concentrations  of  oxidant  and  reductant  but 
maintaining  their  concentration  ratio  constant. 

(h)  How  would  this  statement  have  to  be  modified  to  apply  to  the 

half-cell 

2Cr+++  +  7H20  -  CT2O7-  +  HH+  +  6e~ 


Mn++(il/) 

Mn(V(iV/) 

H+(M) 

0.010 

0.010 

1.0 

0.10 

0.10 

1.0 

1.0  x  10-4 

0.10 

1.0 

0.10 

1.0  x  10-4 

1.0 

0.10 

0.10 

0.10 

0.10 

0.10 

1.0  x  10-4 

QUESTIONS     AND    PROBLEMS  73 

(i)  (1)  Compare  the  relative  effects  upon  the  Mn(II)-Mn(VII)  half- 
cell  potential  of  a  10-fold  change  in  (a)  [Mn++],  (6)  [MnOr],  and  (c)  [H+]. 
(2)  By  what  factor  would  the  ratio  [Mn04~]/[Mn++]  have  to  change  to 
equal  a  10-fold  change  of  the  [H+]  ?  (Note  that  this  [H+]  effect  will  be  ob- 
tained in  various  degrees  with  the  oxygen  acid  anions  used  as  oxidants; 
examples  are  ClO-r,  ClOa",  CIO"  10,"  IOr,  Br03-  Cr207=  N03-  and 
H3As04.) 

7.  Calculate  the  [Pb++]  in  a  solution  in  which  the  Zn++  is  0.10  M  and 
which  is  in  equilibrium  with  metallic  zinc. 

8.  You  wish  to  analyze  solutions  containing  H3As03  and  are  told  that  this 
can  be  done  by  titration  with  a  standard  solution  of  I2  dissolved  in  KI.  To 
test  the  method  you  prepare  0.10  AT  solutions  of  H3As03  (by  dissolving  As203 
in  water)  and  of  KI3  and  make  the  following  experiments.  Explain  the  observa- 
tions. 

Expt.  1.  10  ml  of  the  H3As03  were  titrated  slowly  with  the  KI3.  At  first  the 
color  of  the  KI3  disappeared  rapidly,  but  after  2-3  ml,  the  color  in  the  titrated 
solution  persisted  for  longer  and  longer  periods  and  became  permanent  after 
approximately  5  ml  of  KI3  had  been  added. 

Expt.  2.  A  1  g  portion  of  solid  NaHC03  was  added  to  10  ml  of  the  H3As03 
and  the  solution  titrated  with  the  KI3.  The  color  of  the  KI3  disappeared 
rapidly  until  an  equivalent  volume  of  the  KI3  had  been  added. 

Expt.  3.  A  1  g  portion  of  solid  NaOH  was  added  to  10  ml  of  the  H3As03 
and  the  solution  titrated.  The  KI3  color  disappeared  rapidly  even  after  an 
equivalent  volume  of  KI3  had  been  added. 

9.  (a)  Calculate  the  equilibrium  constant  for  the  reaction  between  per- 
manganate and  arsenious  acid.  (Assume  that  manganous  ion  and  arsenic  acid 
are  the  products.)  (6)  What  does  this  value  indicate  regarding  the  possibility 
of  quantitatively  titrating  H3As03  in  an  acid  solution  with  a  KMn04  solution? 
(c)  What  additional  factors  would  have  to  be  considered  before  making  a  valid 
experimental  prediction? 


Chapter  3 


Chemical  Reactions  III 

Reactions  in  Heterogeneous  Systems  and  Phase 
Separations  in  Analytical  Chemistry 


In  the  two  preceding  chapters  we  have  been  concerned  primarily  with 
the  application  of  the  mass-action  laws  to  chemical  equilibria  in 
homogeneous  or  single  phase  systems.  In  this  chapter  the  principles 
involved  in  heterogeneous  or  multiple  phase  systems  will  be  consid- 
ered, together  with  the  application  of  these  principles  to  certain  phase 
separations  which  are  of  analytical  importance. 

Phase  equilibria  are  of  fundamental  importance  not  only  in  an- 
alytical, but  also  in  biological,  geological,  and  industrial  processes. 
The  equilibrium  between  the  oxygen  in  the  air  (the  gas  phase)  and 
the  oxygen  dissolved  in  the  blood  (the  liquid  phase)  is  vital  to  human 
life.  Geological  formations  have  been  and  still  are  being  controlled  by 
equilibria  between  minerals  existing  as  solids  and  as  liquids  in  molten 
lava  and  magma,  or  as  solids  and  as  dissolved  salts  in  brines.  Pure  chem- 
icals are  prepared  industrially  by  crystallizing  a  compound  as  the 
solid  phase  from  a  solution  with  which  it  is  in  equilibrium. 

The  Solvay  process  for  the  manufacture  of  Na2C03  offers  several 
examples  of  equilibria  involving  two  or  more  phases.  First,  a  gas- 
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solid  phase  equilibrium  is  involved  in  the  manufacture  of  C02  by 
heating  limestone,  CaC03,  the  reaction  being 

CaC03(s)  =  CaO(s)  +  C02(g) 

Then  a  gas-liquid-solid  phase  equilibrium  is  involved  in  the  precipita- 
tion of  NaHC03  by  saturating  an  ammoniacal  salt  solution  with  C02: 

Na+Cl-  +  NH4OH  +  C02(g)  =  NaHC03(s)  +  NH4+C1- 

This  reaction  can  be  more  accurately  represented  by  the  following 
equations,  which  show  the  various  steps  that  are  involved: 

1.  C02(g)  +  H20  =  H2C03 

2.  2NH4OH  (excess)  +  H2C03  -  2NH4+  +  C03=  +  2H20 

3.  CO3-  +  H2C03  =  2HCOr 

4.  Na+Cl-  +  HC03-  =  NaHC03(s)  +  Cl~ 

Finally,  a  second  gas-solid  phase  equilibrium  is  involved  in  the  con- 
version of  the  NaHC03  to  Na2C03,  C02,  and  H20  by  heating  the 
NaHC03: 

2NaHC03(6-)  =  Na2C03(s)  +  C02(g)  +  H20(#) 

A  very  large  proportion  of  the  separations  of  analytical  chemistry 
are  based  upon  reactions  converting  the  constituent  or  constituents  of 
interest  into  compounds  which  can  be  separated  as,  or  in,  a  second 
phase.  In  this  system  of  analysis  three  types  of  phase  separations  are 
used:  They  are,  first,  solid-liquid  separations,  which  involve  the 
formation  of  an  insoluble  solid,  or  precipitate,  in  a  solution.  Many  of 
the  separations  of  this  system  are  solid-liquid  separations.  The  separa- 
tion of  barium  by  precipitation  as  barium  sulfate  is  an  example. 

Second,  there  are  gas-liquid  separations,  in  which  a  relatively  volatile 
constituent  is  formed  and  separated  from  the  liquid  phase  by  passing 
a  second  gas  through  the  solution. 

Third,  there  are  liquid-liquid  separations  in  which  a  substance  is 
extracted  from  one  liquid  phase  into  another,  immiscible,  liquid  phase. 
The  extraction  of  iodine  from  an  aqueous  solution  by  carbon  tet- 
rachloride is  an  example. 

A  general  discussion  of  phase  equilibria  is  first  given  below.  This 
discussion  is  followed  by  a  more  detailed  consideration  of  each  of  the 
above  types  of  phase  separations. 
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The  Phase  Distribution  Law 

This  law  can  be  stated  as  follows:  When  a  compound  is  in  equilibrium 
(as  the  same  molecular  species)  between  two  phases  at  a  given  tempera- 
hire,  the  ratio  of  the  concentrations  (rigorously,  the  activities)  of  the 
compound  in  the  two  phases  will  have  a  constant  value.  This  statement 
can  be  formulated  as  follows  for  a  substance  in  equilibrium  between, 
for  example,  two  liquid  phases : 

—  =•   K 

C  -^Distribution 

2 

Here  Ci  is  the  concentration  in  one  phase  and  C-i  that  in  the  other. 
The  units  used  for  these  concentrations  may  be  any  which  are  con- 
venient; the  value  of  A'Distributinn  is  independent  of  the  units  chosen, 
as  long  as  both  concentrations  are  expressed  in  the  same  units.  How- 
ever, it  is  customary  to  use  partial  pressures  for  gas  phase  concentra- 
tions, and  mole  ratios  for  solid  phase  concentrations.  Therefore,  in 
calculations  using  tabulated  values  of  distribution  ratios  the  correct 
units  must  be  used.  Note  that  this  law  applies  only  when  the  same 
molecular  species  is  present  in  each  phase,  and  only  to  that  particular 
species.  For  example,  in  hydrochloric  acid  solutions,  iron(III)  can  exist 
in  several  forms,  such  as  FeCl++,  FeCb4",  FeCl3,  FeCl4_,  or  HFeCl4. 
Of  these  species,  only  HFeCLj  is  extracted  from  the  aqueous  solution 
by  ether;  therefore,  the  distribution  of  Fe(III)  between  aqueous 
solution  and  ether  is  a  distribution  of  only  the  species  HFeCl4. 

Deviations  from  this  law,  similar  to  those  from  the  mass-action 
law,  will  be  found  when  it  is  applied  to  concentrated  solutions,  and 
activities  should  be  used  for  rigorous  calculations. 

The  distribution  equation, 

Qi  -■  j? 

sr  -^Distribution 

t-  2 

like  the  mass-action  law,  can  be  derived  from  a  consideration  of  the 
rates  at  which  the  molecules  pass  in  each  direction  between  the  two 
phases  and  it  can  be  considered  as  a  special  case  of  the  general  mass- 
action  law.  Also,  this  law  agrees  with  the  principle  of  Le  Chatelier, 
since  it  implies  that  if  a  heterogeneous  system  is  at  equilibrium  and 
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the  concentration  or  pressure  of  a  substance  is  changed  in  one  phase, 
the  equilibrium  will  shift  so  as  to  minimize  the  change  and  restore  the 
original  equilibrium  ratio. 

Also,  the  fact  that  the  solubility  of  a  pure  liquid  or  solid  compound 
in  equilibrium  with  a  given  solvent  is  a  constant  is  in  agreement  with 
the  above  law,  since  the  concentration  (or  more  exactly,  the  activity) 
of  the  pure  solid  or  liquid  will  have  a  constant  value  at  a  given  tem- 
perature. 

A  further  consequence  of  this  law  may  be  illustrated  as  follows:  A 
small  amount  of  iodine  (insufficient  to  saturate  either  layer)  is  added 
to  water  and  carbon  tetrachloride  in  a  test  tube.  When  equilibrium  is 
reached,  the  ratio  [IVJcciyt^liijO  will  be  equal  to  the  distribution  ratio, 
K.  We  may  compare  this  with  the  ratio  of  the  solubilities  of  iodine 
in  CCb  and  H20,  and  we  find  that  this  ratio  is  the  same  as  the  dis- 
tribution ratio.  Thus,  we  may  saturate  separate  aqueous  and  carbon 
tetrachloride  solutions  with  iodine  (that  is,  have  two  separate  phases 
independently  in  equilibrium  with  a  third  phase,  in  this  case  solid 
iodine)  and  if  we  then  mix  the  carbon  tetrachloride  and  water  solutions, 
we  find  they  are  already  in  equilibrium.  This  of  course  holds  true 
only  if  all  phases  are  at  the  same  temperature. 

We  may  further  illustrate  this  by  considering  the  system  shown 
in  Figure  2.  Here  we  have  a  circular  tube  with  solid  iodine  fixed  in 
place  at  the  bottom,  water  on  one  side,  and  carbon  tetrachloride  on 
the  other.  The  water  and  CCb  are  each  saturated,  that  is,  in  equilib- 
rium with  the  solid.  If  the  tube  is  inverted  and  the  water  and  CC14 


Gaseous   iodine 
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Figure  2.      The  distribution  of  iodine  between  solid,  liquid,  and  gaseous  phases. 
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brought  in  contact,  the  iodine  concentrations  in  the  two  phases  will 
not  change;  they  will  already  have  a  ratio  equal  to  the  distribution 
ratio  of  iodine  between  water  and  CC14. 

If  this  were  not  true,  the  system  could  be  arranged  to  produce 
perpetual  motion.  For  example,  assume  that  the  iodine  in  the  sat- 
urated CC14  phase  would  not  be  in  equilibrium  with  the  iodine  in  the 
water.  When  the  liquids  then  come  in  contact  at  the  top  of  the  tube, 
iodine  would  tend  to  pass  from  one  into  the  other — let  us  say,  from 
the  CCI4  into  the  water.  But  this  would  undersaturate  the  CC14,  so 
that  more  iodine  would  dissolve  on  that  side,  and  oversaturate  the 
water,  so  that  some  iodine  would  have  to  precipitate.  This  process 
would  have  to  continue  indefinitely  and  so  a  perpetual  motion  system 
would  result. 

This  law  of  physical  equilibrium  is  also  applicable  to  the  distribu- 
tion of  a  substance  between  gas  and  solid  or  gas  and  liquid  phases. 
Since  a  concentration  in  a  gas  phase  is  proportional  to  the  gas  pressure 
in  that  phase,  the  law  of  physical  equilibrium  for  these  cases  can  be 
written 

§-* 

This  relation  between  the  concentration  of  a  gas  in  a  solvent  and  the 
partial  pressure  of  the  gas  above  the  liquid  phase  is  known  as  Henry's 
Lair. 

If  we  refer  again  to  Figure  2,  we  can  see  that  as  a  result  of  this  law 
the  concentration  for  the  more  commonly  used  partial  pressure)  of 
iodine  in  a  gas  phase  in  equilibrium  with  any  saturated  iodine  solution 
will  be  the  same  as  that  above  solid  iodine.  This  must  be,  for  if  the 
partial  pressures  of  iodine  above  the  two  saturated  solutions  were  not 
equal,  there  would  be  a  continuous  passage  of  iodine  from  one  liquid 
to  another  and  again  a  perpetual  motion  system  would  result. 


Liquid -Liquid  Phase  Separations 

Procedures  which  involve  the  application  of  the  law  of  physical 
equilibrium  to  the  distribution  of  a  substance  between  two  liquids 
are  used  extensively  both  in  analytical  and  industrial  processes  and 
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are  frequently  called  phase  distribution  or  solvent  extraction  methods. 
The  method  used  in  this  system  for  the  separation  of  iodine  is  an 
example  of  such  a  process. 

In  P.  105  the  iodide  in  an  aqueous  phase  is  oxidized  to  iodine. 
Then  the  aqueous  phase  is  shaken  with  a  liquid,  carbon  tetrachloride 
in  this  case,  which  is  immiscible  with  water  and  in  which  iodine  is 
more  soluble  than  it  is  in  water.  As  a  result  the  iodine  passes  into  the 
carbon  tetrachloride  phase  until  the  ratio  of  the  iodine  concentration 
in  that  phase  to  the  concentration  in  the  water  phase  equals  the 
distribution  ratio.  At  equilibrium 

McCu/MlfcO    =   K   =    87(25°) 

The  effectiveness  with  which  a  substance  can  be  separated  by  a 
solvent  extraction  method  (that  is,  by  liquid-liquid  phase  separation) 
will  be  determined  by  the  distribution  ratio,  by  the  relative  volumes 
of  the  two  phases  used,  and  by  the  number  of  extractions  which  are 
made.  For  example,  in  the  extraction  of  iodine  from  water  with  carbon 
tetrachloride,  one  treatment  with  an  equal  volume  of  carbon  tetra- 
chloride should  leave  only  one  eighty-eighth  of  the  iodine  in  the 
aqueous  phase;  after  n  such  extractions  the  iodine  left  in  the  aqueous 
phase  will  be  (1/88)"  times  the  original  quantity. 

The  total  volume  of  a  solvent  required  to  reduce  the  concentration 
of  a  substance  in  another  phase  to  a  given  value  can  be  made  smaller 
by  making  a  larger  number  of  extractions  with  smaller  volumes  of  the 
solvent  used  for  each  extraction.  Thus  in  P.  105  repeated  extractions 
with  small  volumes  of  carbon  tetrachloride  are  made  in  order  to  min- 
imize the  total  volume  of  carbon  tetrachloride  required. 

The  rate  at  which  equilibrium  is  attained  between  two  phases  will 
be  proportional  to  the  surface  area  between  the  phases.  The  surface 
area  is  increased  in  liquid-liquid  systems  by  vigorously  agitating  the 
two  phases  together  so  that  each  is  converted  into  a  large  number  of 
small  droplets. 


Gas-Liquid  Phase  Separations 

Gas-liquid  phase  separations  are  used  in  this  system  for  the  detec- 
tion of  two  elements,  carbon  and  nitrogen.  Four  steps  are  involved  in 
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each  of  these  procedures.  First,  the  constituent  of  interest  is  converted 
into  a  relatively  volatile  compound;  carbon  into  carbon  dioxide  and 
nitrogen  into  ammonia. 

Second,  the  volatile  constituent  is  removed  from  the  aqueous  phase 
by  extracting  it  into  a  gas  phase,  which  is  then  separated  from  the 
original  liquid  phase.  The  extracting  gas  can  be  obtained  from  a  tank 
or  generator  and  passed  through  the  aqueous  phase;  frequently  it 
can  be  formed  by  boiling  the  liquid  phase.  For  example,  dissolved 
ammonia  can  be  removed  from  an  alkaline  aqueous  solution  either  by 
passing  air  through  the  solution  or  by  boiling  it.  In  the  latter  case 
steam,  gaseous  water,  acts  as  the  gas  phase.  Similarly,  dissolved  C02 
can  be  removed  from  an  acid  aqueous  solution  by  boiling  the  solution 
or  by  passing  a  gas  such  as  nitrogen  through  it. 

Third,  the  compound  of  interest  is  extracted  from  the  gas  into  a  new 
aqueous  phase.  If  the  compound  is  removed  by  boiling,  the  steam 
can  be  captured  and  condensed  in  a  separate  container.  Gas  con- 
taining NH3  can  be  passed  through  an  acid  solution  which  converts 
the  ammonia  to  NH4+,  trapping  it. 

Finally,  the  new  aqueous  phase  is  analyzed  for  the  constituent  of 
interest.  In  effect,  then,  the  gas  phase  is  used  for  separating  the  con- 
stituent of  interest  from  one  aqueous  solution  and  transferring  it  to 
another. 

There  is  a  very  close  analogy  between  a  liquid-liquid  phase  extrac- 
tion, such  as  that  for  iodine  already  described,  and  the  extraction  of 
ammonia  from  water  by  an  inert  gas  such  as  air.  In  the  iodine  extrac- 
tion the  aqueous  phase  was  treated  repeatedly  with  fresh  portions  of 
carbon  tetrachloride  in  which  the  iodine  concentration  was  zero. 
Therefore,  iodine  passed  into  the  carbon  tetrachloride  until  the  ratio 
[I2] ecu/ Mao  was  equal  to  the  distribution  constant.  Similarly,  when 
an  aqueous  ammonia  solution  is  equilibrated  with  successive  volumes 
of  pure  air,  NH3  passes  into  the  air  until  the  constant  for  the  distribu- 
tion expression 

fNH,(,)     _    K 
CNHtiaq) 

is  satisried.  Even  though  the  air  is  passed  through  so  rapidly  that 
equilibrium  is  not  attained,  the  principle  remains  the  same.  Also,  in 
boiling  a  solution  containing  NH3  there  may  not  be  time  for  each  gas 
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bubble  to  reach  equilibrium,  but  the  continuous  exposure  of  the 
solution  to  a  gas  phase  in  which  the  ammonia  concentration  is  ini- 
tially zero  will  cause  continuous  and  effective  removal  of  ammonia. 

Saturation  of  Solutions  with  Gases 

Another  operation  in  this  system  in  which  a  gas-liquid  phase 
equilibrium  is  involved  is  the  saturation  of  a  solution  with  a  gaseous 
reagent.  Obviously  the  objective  here  is  the  reverse  of  that  concerned 
with  removing  a  gaseous  constituent. 

This  operation  is  used  in  P.  73  and  P.  101  and  in  each  case  alkaline 
solutions  are  saturated  with  carbon  dioxide  gas.  The  situation  is 
complicated  by  the  fact  that  not  only  a  gas-liquid  phase  equilibrium 
is  involved,  but  also  several  homogeneous  phase  equilibria  are  estab- 
lished in  the  liquid  phase;  these  latter  are  considered  in  the  Discussion 
of  P.  73,  p.  325.  The  gas-liquid  phase  equilibrium  and  expression  are 
as  follows: 

C02(g)  =^=  C02(aq) 

Pco'W       =  KD 

[CO,]  (a?) 

Thus  the  concentration  of  C02(aq)  will  have  a  fixed  constant  value  in  a 
solution  which  is  saturated  with  C02  at  a  given  pressure  and  temper- 
ature. 

In  addition,  the  molecular  C02  in  the  aqueous  phase  hydrates 
(combines  with  water)  to  give  H2C03  as  follows: 

C02(ag)  +  H20(Z)  =  H2C03(ag) 

The  equilibrium  expression  is 

[H2CQ3](a9)  K 

[C02](ag)[H20]  " 

The  activity  of  the  water  is  constant;  therefore  this  expression  can  be 
reformulated  as 

[H2CQ3](a(7)       K 
[C02](ag)      "  ^Hydration 

Since  in  a  saturated  solution  at  a  given  pressure  and  temperature 
the  concentration  of  C02(ag)  is  fixed,  the  concentration  of  H2C03  is 
likewise  fixed.  As  a  result  their  sum  is  also  fixed  and  we  can  write 
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PcOt(g) _   j£ 


[CO,]  (a?)  +[H2C03](a9) 

We  are  able  to  measure  the  total  amount  of  C02  dissolved  in  solu- 
tions, but  since  the  constant  for  the  hydration  reaction  has  not 
been  accurately  established,  we  cannot  determine  either  [C02](aqr) 
or  [H2C03]  (aq)  separately.  Therefore  the  total  concentration,  that  is 
([CO2]  +  [H2CO3]),  is  used  in  mass-action  expressions  but  is  usually 
written  as  [H2C03].  In  other  words,  in  order  to  be  rigorously  correct, 
the  expression 

[H+][HCO,-]   ...  K 
[H2C03](ag)        *A 
should  be  written  as 

[H+1[HCO,-1  .  K  , 

[CO,]  (a?)  +  [H,C03](ag)  A 

but  we  write  it  as  shown  first  for  the  sake  of  brevity. 

The  neutralization  equilibria  that  are  involved  when  a  sodium 
hydroxide  solution  is  saturated  with  C02,  and  the  buffer  system  that 
results,  are  considered  in  the  discussion  of  P.  73,  p.  325.  Means  for 
obtaining  rapid  saturation  of  a  solution  with  a  gas,  such  as  the  initial 
use  of  a  relatively  high  pressure  and  increasing  intcrfacial  surface  by 
vigorous  shaking  and  stirring,  are  illustrated  in  that  procedure. 


Solid-Liquid  Phase  Separations 

A  large  proportion  of  the  separations  used  in  analytical  chemistry 
involve  the  formation  of  relatively  insoluble  precipitates  in  aqueous 
solutions.  In  these  separations  we  have  the  simultaneous  applica- 
tion of  the  principles  of  both  homogeneous  and  heterogeneous  phase 
equilibria. 

The  Solubility  Product  Principle 

Consider  the  case  of  the  precipitation  of  barium  sulfate  by  the  addi- 
tion of  a  soluble  sulfate  to  a  neutral  solution  containing  barium  ion. 
(A  neutral  solution  is  specified  so  as  to  avoid  considering  the  formation 
of  HS04~.)  As  soon  as  a  precipitate  is  formed  we  have  a  solid  phase 
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and  a  liquid  phase  and  therefore  a  heterogeneous  system.  When  equi- 
librium is  attained  between  the  barium  sulfate  in  the  two  phases,  solid 
and  liquid,  according  to  the  law  of  heterogeneous  phase  equilibria  the 
distribution  expression  is: 

[BaSQ4](a<7)        „ 

[BaS04](s)     " 

where  KD  is  the  distribution  constant. 

However,  at  a  given  temperature  the  activity  of  solid  BaS04  has  a 
constant  value.  Therefore  the  concentration  of  aqueous  un-ionized 
BaS04 — however  small  it  may  be — is  fixed  by  being  in  equilibrium 
with  solid  barium  sulfate. 

In  the  solution  we  have  a  homogeneous  phase  equilibrium  as  follows : 
BaS04(a?)  =  Ba++  +  S04= 
The  equilibrium  expression  is 

[Ba++1[SQ4-1        K 
[BaS04](a?)     "      Ioniz 

However,  since  [BaS04]  (aq)  has  a  constant  value  at  a  given  tempera- 
ture when  in  equilibrium  with  solid  BaS04,  we  can  write 

[Ba++][S04=]  =  KSP 

This  constant,  Ksp,  is  the  ion  product  constant  or,  as  it  is  more  com- 
monly called,  the  solubility  product  for  barium  sulfate.  One  must 
remember  that  this  value  is  constant  and  is  applicable  only  for  solutions 
in  equilibrium  with  the  solid  phase,  that  is,  for  saturated  solutions. 
Note  also  that  the  solubility  product  expression  is  only  a  special  case 
of  the  general  mass-action  expression.  Since  the  solid  and  therefore 
the  un-ionized  compound  have  constant  concentrations  (or  activities) 
these  values  can  be  eliminated  from  the  expression.  The  solubility 
product  values  in  this  text  are  given  in  terms  of  the  molar  concentra- 
tions of  the  species  involved. 

BaS04,  like  many  salts,  is  predominantly  an  ionic  compound  and 
therefore  the  concentration  of  un-ionized  BaS04  in  an  aqueous  solution 
is  very  small;  this  amount  can  be  neglected  for  all  experimental  cal- 
culations. Silver  chloride  and  other  compounds  which  are  more  co- 
valent  will  be  discussed  later. 

It  will  be  apparent  that  for  a  saturated  solution  of  a  salt  such  as 
Ag2Cr04  the  equilibria  will  be: 
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Ag2Cr04(s)  ^  Ag2Cr04M  =^  2Ag+  +  Cr04= 
and  the  solubility  product  will  have  the  form 

[Ag+]2[Cr04=]  =  KSP 

Thus  the  general  statement  can  be  made  that  in  a  saturated  solution 
of  a  salt  the  product  of  the  ion  concentrations  is  a  constant  when  each 
ion  is  raised  to  a  power  corresponding  to  the  number  of  ions  formed 
from  a  molecule  of  the  salt. 

Because  of  the  uncertainties  introduced  in  concentrated  solutions  by 
the  interionic  forces  discussed  previously,  applications  of  the  solubility 
product  principle  are  usually  restricted  to  relatively  insoluble  sub- 
stances. 

The  Common  Ion  Effect 

Since  the  solubility  product  principle  states  that  for  a  salt  such  as 
BaS04  the  product  of  the  ion  concentrations  is  a  constant,  it  follows 
that  as  the  concentration  of  one  ion  is  increased  that  of  the  other  must 
decrease.  Therefore  it  is  apparent  that  the  quantity  of  BaS04  which 
will  dissolve  in  a  given  volume  of  solution  will  be  less  if  that  solution 
already  contains  Ba++  or  S04=  ions. 

Let  us  attempt  a  more  quantitative  prediction  in  this  regard  by 
considering  the  solubility  of  BaS04  in  a  neutral  solution  which  is 
initially  0.010  F  in  Na2S04.  First,  we  must  determine  the  solubility 
product  of  BaS04.  To  do  this  we  look  up  solubility  data  measurements 
in  a  handbook  or  other  reference  book  and  find  that  one  liter  of  pure 
water  at  room  temperature  dissolves  0.0023  g  of  BaS04.  The  molecular 
weight  of  BaS04  is  233.4;  therefore,  the  saturated  solution  is  1.0  X 
10-5  F.  Since  the  concentration  of  un-ionized  BaS04  is  negligible,  the 
concentrations  of  both  barium  and  sulfate  ions  will  be  1.0  X  10-5  M 
and  the  solubility  product  will  be  1.0  X  10-10,  that  is, 

KSP  =  [Ba++][S04=]  =  (1.0  X  10-5)  X  (1.0  X  10~5)  =  1.0  X  lO"10 

With  this  value  we  may  proceed  with  the  problem. 

If  we  assume  that  the  Na2S04  in  a  0.010  F  solution  is  essentially  com- 
pletely ionized,  the  concentration  of  sulfate  ion  in  such  a  solution  will 
be  0.010  M.  When  solid  BaS04  is  equilibrated  with  this  solution  we  will 
have  barium  sulfate  passing  into  solution  as  follows: 
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BaS04(s)  =  Ba++  +  S04= 
Since  there  are  sulfate  ions  already  present  in  the  solution,  we  must 
measure  the  quantity  of  BaS04  dissolving  (its  solubility)  by  the  equi- 
librium concentration  of  barium  ion.  If  the  molar  concentration  of 
barium  ion,  [Ba++],  at  equilibrium  is  set  equal  to  .r,  then  the  molar 
concentration  of  sulfate  ion,  [S04=],  at  equilibrium  will  be  0.010  -+-  x, 
since  one  mole  of  S04=  must  pass  into  solution  with  each  mole  of  Ba++. 
Now  we  make  use  of  the  expression 

[Ba++][S04=]  =  Ksp 
and  substituting  we  obtain 

0)  (0.010  +x)  =  1.0  X  10"10 

Noting  the  small  value  of  KSP  we  first  assume  that  x  will  be 
small  compared  to  0.010.  Upon  solving  the  equation  we  find  that 
x  =  1.0  X  10-8  and  that  our  assumption  was  valid.  We  thus  find  that 
the  [Ba++]  in  solution  will  be  1.0  X  10-8,  and  that  the  solubility  of 
BaS04  in  0.010  F  Na2S04  is  1.0  X  10~8  formal. 

This  calculation  leads  to  the  conclusion  that  only  one  thousandth 
as  much  BaS04  will  dissolve  in  a  given  volume  of  0.010  F  Na2S04  as  in 
water;  or,  we  can  decrease  the  solubility  of  barium  sulfate  in  a  solution 
by  a  factor  of  1000  if  the  solution  is  made  0.01  M  in  sulfate  ion.  Actu- 
ally, the  activities  of  S04=  and  Ba++  in  0.010  F  Na2S04  are  approx- 
imately 30%  less  than  the  molar  concentrations  because  of  the  inter- 
ionic  effects  mentioned  previously.  Considering  these  effects  the  solu- 
bility will  be  approximately  twice  as  great  as  previously  calculated. 

This  common  ion  effect  is  extensively  used  in  analytical  chemistry 
in  order  to  obtain  a  more  quantitative  precipitation  of  a  desired  con- 
stituent. Specific  applications  will  be  pointed  out  in  the  discussions  of 
the  procedures  in  which  it  is  used  in  this  system  of  analysis. 

Effect  of  the  Hydrogen  Ion  Concentration 
on  the  Solubility  of  Salts  of  Weak  Acids 

In  the  above  discussion  of  the  solubility  of  BaS04  in  water  and  in  a 
sodium  sulfate  solution,  care  has  been  taken  to  state  that  the  solu- 
tions were  essentially  neutral.  When  this  is  the  case  we  are  able  to 
assume  that  in  a  sodium  sulfate  solution  the  molar  concentration  of 
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sulfate  ion  is  equal  to  the  formal  concentration  of  sodium  sulfate. 
This  will  not  be  true  if  the  solution  has  a  relatively  high  hydrogen  ion 
concentration. 

Let  us  consider  the  effect  obtained  if  the  0.010  F  Na2S04  solution 
considered  above  had  also  been  1 .0  F  in  HC1.  The  proton  of  the  HC1 
and  the  first  proton  of  H2S04  are  essentially  completely  ionized;  this 
is  not  true  of  the  second  proton  of  H2S04.  The  ionization  constant,  KAt, 
for  the  dissociation  reaction 

HS04-  =  H+  +  S04= 

has  a  value  of  1.2  X  10~2,  that  is, 

fH+irsori  __ 1  0     10_2 
[HSOr]     " 

As  a  result,  in  a  solution  0.010  F  in  Na2S04  and  1.0  F  in  HC1  there 
will  be  a  tendency  for  the  reaction 

H+  +  S04=  =  HSOr 

to  take  place.  If  we  let  x  equal  the  equilibrium  [S04=],  the  equilibrium 
[H+]  will  be  0.99  +  x  and  the  [HSOr]  will  be  0.010  -  x.  Therefore 
we  can  write 

[H+][SOr]  _.  (0.99  +*)(*)  _ 
[HSOr]  (0.010  -  x)      ' 

Again  we  assume  that  x  is  small  compared  to  0.010  (and  0.99  also); 
we  solve  the  expression  and  find  that  x  =  1.2  X  10~4.  Thus,  because 
of  the  acid  present  in  the  Na2S04  solution  the  sulfate  concentration  has 
been  decreased  from  0.010  M  to  1.2  X  10"4  M  or  almost  100-fold.  This 
decrease  in  the  sulfate  ion  concentration  means  that  the  solubility  of 
barium  sulfate  in  such  a  solution,  because  of  the  acid  present,  is  almost 
100  times  greater  than  in  a  neutral  solution. 

This  effect  is  used  in  P.  23  for  the  confirmatory  test  for  barium  in 
the  possible  presence  of  calcium.  There  the  HC1  concentration  in  a  sul- 
fate solution  is  adjusted  to  prevent  the  precipitation  of  calcium  sulfate 
and  still  provide  adequate  sulfate  for  the  precipitation  of  large  quan- 
tities of  barium.  Reference  should  be  made  to  the  calculations  shown 
in  the  discussion  of  that  procedure,  page  243. 

The  effect  of  the  hydrogen  ion  concentration  on  the  solubility  of  the 
salt  of  a  weak  acid  becomes  more  pronounced  as  it  is  applied  to  weaker 
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(less  ionized)  acids  than  sulfuric.  This  is  illustrated  by  considering  the 
effect  of  adding  HC1  to  a  cyanide  solution.  The  cyanide  concentration 
in  a  1.0  F  KCN  solution  will  be  approximately  1.0  M  (slightly  less  be- 
cause of  hydrolysis).  However,  if  an  exactly  equivalent  quantity  of 
HC1  gas  is  passed  into  this  solution  the  following  displacement  reaction 
takes  place  (see  the  treatment  of  such  reactions  in  Chap.  3,  page  45) : 

K+CN-  +  H+Cl-  =  K+Cl-  +  HCN 

The  equilibrium  expression  for  this  reaction  is 

[HCN]      =       =  _1_  =         1         =  8 

[H+][CN-]  "  KA  "  2  X  10-9 

where  KA  is  the  ionization  constant  for  HCN.  The  value  of  the  constant 
indicates  that  the  above  reaction  will  tend  to  proceed  from  left  to 
right.  Also,  since  there  is  no  excess  of  HC1,  the  [H+]  and  [CN_]  will  be 
equal.  Therefore  the  [H+]  can  be  found  by  solving  the  equation 

MjzA  =  5  X  10* 

(x)(x) 

where  x  =  [H+]  =  [CN_] .  Again  assuming  x  to  be  small  compared  to 
1.0,  we  find  x  to  be  4.5  X  lO"5. 

Thus  by  adding  only  an  equivalent  quantity  of  strong  acid  to  the 
cyanide  solution  the  cyanide  ion  concentration  has  been  decreased 
from  approximately  1  M  to  4.5  X  10~5  M.  Note  that  this  solution  is 
identical  to  a  solution  1  F  in  HCN  and  1  F  in  KC1.  If  we  pass  HC1  gas 
into  the  solution  until  the  hydrogen  ion  concentration  is  made  one 
molar,  the  cyanide  ion  concentration  is  decreased  to  2  X  10~9  molar. 

Sulfide  Separations 

The  fact  that  the  hydrogen  ion  concentration  controls  the  free  anion 
concentration  in  solutions  of  salts  of  weak  acids,  and  therefore  the 
solubility  of  sparingly  soluble  salts  of  such  acids,  is  partly  responsible 
for  the  extensive  use  of  the  precipitation  of  metallic  sulfides  as  a  means 
for  effecting  group  and  individual  element  separations.  In  solutions  of 
H2S,  a  weak  diprotic  acid,  we  can  control  the  sulfide  ion  concentration, 
and  therefore  the  solubility  of  metal  sulfides,  over  a  tremendous  range 
by  controlling  the  hydrogen  ion  concentration. 

First  consider  the  effect  of  the  hydrogen  ion  concentration  on  the 
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sulfide  ion  concentration  in  solutions  saturated  with  H2S  gas  at  1  at- 
mosphere pressure  and  at  room  temperature.  From  the  law  of  hetero- 
geneous equilibrium  we  see  that  if  we  have  a  two-phase  system  com- 
posed of  H2S  gas  and  an  aqueous  solution  in  equilibrium  with  the  gas, 
the  concentration  of  the  gas  in  the  solvent  will  be  fixed  by  the  pressure 
(or  concentration)  of  the  gas,  that  is, 

P-**-  Distribution 
HaS(9) 

Measurements  have  shown  that  at  room  temperature  an  aqueous  solu- 
tion in  equilibrium  with  H2S  gas  at  1  atmosphere  pressure  is  0.10  M  in 
H2S.  Hydrogen  sulfide  ionizes  as  a  diprotic  acid  in  the  two  steps  as 

follows: 

H2S(af/)  =  H+  +  HS- 

and 

HS-  =  H+  +  S= 

The  ionization  equilibrium  expressions  are 

[H+][HS~]       R         nx  ,0_7 
[H2S](«?)        Km      lml  x  w 
and 

[^]iS-T]  -  KA,  =  1.0  X  10-" 
These  two  expressions  can  be  combined  to  give 

[H    j   [S    j    __       1  -in-21 

In  a  solution  at  room  temperature  saturated  with  H2S  gas  at  1  at- 
mosphere pressure  the  [H2S](ag)  =  0.10  M  and  therefore  in  such  solu- 
tions 

[H+]2[S=]  =  1.1  X  10"22 

We  see  from  this  expression  that  the  sulfide  ion  concentration  in 
an  aqueous  solution  saturated  with  H2S  will  be  controlled  by  the  square 
of  the  hydrogen  ion  concentration.  Thus  in  a  solution  in  which  the 
[H+]  is  1,  the  [S=]  will  be  approximately  10-22;  if  the  [H+]  is  decreased 
to  10-7,  the  [S=]  will  increase  to  10-8.  As  was  shown  in  Chapter  3, 
page  38,  it  is  possible  to  control  the  [H+]  precisely  at  even  very  small 
values  with  buffer  systems.  By  this  means  we  can  control  the  [S=] 
quite  closely  through  an  extremely  wide  range. 
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This  ability  to  control  the  sulfide  ion  concentrations  and  the  ex- 
traordinary differences  in  the  solubilities  of  the  various  metal  sulfides 
are  responsible  for  the  extensive  use  of  sulfide  separations.  The  sulfides 
of  the  alkali  and  alkaline  earth  elements  are  very  soluble.  On  the  other 
hand  the  large  number  of  metals  which  form  relatively  insoluble  sul- 
fides can  be  seen  from  Table  9,  page  280,  and  the  large  range  in  the 
solubility  product  values  of  certain  of  the  elements  provided  for,  or 
used  as  reagents  in,  this  system  of  analysis  is  seen  in  Table  3. 

TABLE  3.     Solubility  Products  of  Certain  Metal  Sulfides* 


Solubility 

Sulfide 

Product 

HgS 

10-54 

CuS 

1Q-36 

PbS 

io-" 

CdS 

10-26 

Solubility 

Sulfide 

Product 

ZnS 

10-24 

NiS 

io-21 

FeS 

io-18 

MnS 

io-11 

*  Concentration  units:  moles  per  liter. 

One  of  the  commonest  sulfide  separations  used  in  analytical  work 
is  made  by  saturating  a  solution  which  is  usually  about  0.3  F  in  HC1 
with  H2S  at  atmospheric  pressure.  The  common  metals  thus  precipi- 
tated and  the  formulas  of  the  precipitates  are  shown  in  Table  10, 
page  281.  In  many  systems  of  qualitative  analysis  these  elements 
constitute  what  is  called  the  Hydrogen  Sulfide  Group. 

Let  us  calculate  the  cadmium  ion  concentration  in  a  solution  treated 
so  as  to  precipitate  the  Hydrogen  Sulfide  Group.  If  the  [H+]  is  assumed 
to  be  0.3,  the  [S=]  in  a  solution  saturated  with  H2S  at  room  tempera- 
ture and  atmospheric  pressure  is  found  as  follows: 

l  l  v  IO-22 
[S=]  =        £3)t       =  1-2  X  10-" 

The  [Cd++]  in  equilibrium  with  this  [S=]  would  be 

rCd++l  =  ^^  =  10~26 =  8Y  IO"6 

L^d     J        [S=]        1.2  X  10-21       b  X  iU 

If  one  were  working  with  10  ml  of  solution,  the  number  of  milligrams 
of  cadmium  ion  in  equilibrium  with  the  sulfide  would  be 

8  X  IO"6  mole/liter  X  two  liter  X  112  g/mole  X  1000  mg/g 
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or  0.009  mg  of  Cd.  This  quantity  is  negligible  for  most  analytical 
purposes  and  we  predict  that  cadmium  will  be  quantitatively  precipi- 
tated under  the  above  conditions;  experimentally  this  is  found  to  be 
the  case.  Obviously  we  would  expect  any  of  the  less  soluble  sulfides 
listed  above  to  be  even  more  quantitatively  precipitated. 

On  the  other  hand,  the  [Ni++]  in  equilibrium  with  the  solution 
described  above  would  be 

[Ki++]  -  nnnF=  -  °-8 

In  10  ml  of  solution  the  number  of  milligrams  of  nickel  ion  in  equi- 
librium with  the  sulfide  would  be 

0.8  mole/liter  X  TUo  liter  X  59  g/mole  X  1000  mg/g 
or  470  mg  of  Ni.  Thus  even  a  large  quantity  of  nickel  would  not  cause 
the  solubility  product  to  be  exceeded  and  we  predict  that  no  precipi- 
tate will  form.  Again,  experiment  shows  this  to  be  true. 

The  variance  between  predictions  made  from  similar  calculations  for 
zinc  and  the  experimental  behavior  of  zinc  sulfide  provides  a  good 
example  of  the  caution  with  which  one  should  make  predictions  from 
such  calculations  and  the  necessity  for  experimental  verification  of 
these  predictions. 

The  [Zn++]  in  equilibrium  with  the  above  solution  would  be 

[Zn++]  "  iSlo6=  =  8  X  10_1 
and  we  calculate  that  in  10  ml  of  solution  only  0.5  mg  of  zinc  ion  will 
remain  in  equilibrium  with  the  sulfide  ion.  This  could  lead  to  the 
prediction  that  most  of  the  zinc  in  the  solution  would  be  precipitated, 
but  experimentally  this  is  not  found  to  be  the  case. 

Such  anomalous  behavior  is  frequently  encountered  and  has  several 
causes.  First,  zinc  ion  forms  complex  ions  with  chloride  ion,  whose 
formulas  range  from  ZnCl+  to  ZnCl4=.  Therefore  in  0.3  F  HC1  these 
complexes  may  be  the  predominant  species  and  the  molar  concentra- 
tion of  Zn++  may  be  much  smaller  than  the  formal  or  total  concentra- 
tion of  zinc.  Second,  solubility  products  are  equilibrium  values  and 
experiments  have  shown  that  zinc  sulfide  forms  supersaturated  solu- 
tions and  precipitates  slowly.  Cases  in  which  such  solutions  have  re- 
mained supersaturated  for  weeks  have  been  noted.  Third,  concentra- 
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tions  and  not  activities  have  been  used  in  the  above  calculations. 
In  solutions  which  contain  as  much  as  0.3  F  HO,  not  to  mention  the 
other  salts  which  accumulate  in  an  analytical  system,  the  activity  of  a 
doubly-charged  ion  such  as  Zn++  will  be  substantially  less  than  its 
molar  concentration. 

These  three  effects  are  of  such  magnitude  and  are  encountered  so 
frequently,  especially  when  working  with  concentrated  solutions,  that 
the  results  of  mass-action  calculations  should  always  be  regarded  as 
mainly  a  guide  for  the  prediction  of  experimental  possibilities.  These  pre- 
dictions should  ahcays  be  verified  experimentally. 

I.  M.  Kolthoff,  a  great  analytical  chemist,  has  very  effectively  sum- 
marized this  by  means  of  the  quotation,  "Die  Theorie  leitet,  das 
Experiment  entscheidet,"  which  translated  is  "The  theory  guides,  the 
experiment  decides." 

Effect  of  Complex  and  Un-Ionized  Compound 
Formation  on  Solubility 

In  deriving  the  solubility  product  of  BaSCX,  the  assumption  was 
made  that  the  concentration  of  un-ionized  aqueous  BaS04  is  negligible 
for  analytical  considerations.  With  less  ionic  compounds  this  may  not 
always  be  true;  in  addition,  with  such  compounds  complex  ion  forma- 
tion can  be  a  significant  analytical  factor.  These  effects  are  illustrated 
by  silver  chloride. 

Measurements  by  Jonte  and  Martin1  on  saturated  solutions  of  silver 
•chloride  indicate  that  the  concentration  of  aqueous  un-ionized  AgCl 
in  equilibrium  with  solid  AgCl  is  3.6  X  10~7  molar.  Furthermore,  they 
found  aqueous  AgCl  to  be  a  weak  electrolyte  with  an  ionization  con- 
stant of  5  X  10-4;  that  is,  for  the  reaction 

AgCl(ag)  =  Ag+  +  Cl" 

[AgClJ(ag) 

By  making  use  of  this  information  one  obtains  a  value  for  the  solu- 
bility product  of  AgCl,  [Ag+][C1-],  of  1.8  X  10" 10. 

The  first  conclusion  to  be  drawn  from  these  data  is  that  regardless 

1  J.  Am.  Chem.  Soc,  74,  2052  (1952). 
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of  the  excess  of  either  chloride  or  silver  ion  provided  in  a  saturated 
solution,  the  formal  solubility  of  silver  chloride  in  such  solutions  can- 
not be  decreased  below  the  equilibrium  concentration  of  un-ionized 
AgCl,  that  is,  3.6  X  10~7  M.  Thus  if  the  chloride  ion  concentration  is 
made  1.0  molar,  the  equilibrium  silver  ion  concentration  will  be 

[Ag+]  =  1-8^010"1°  =  1.8  X  10-i» 

However,  this  is  only  the  molar  silver  ion  concentration;  the  concen- 
tration of  un-ionized  silver  chloride  will  be  approximately  2000  times 
greater  than  this. 

In  addition  to  the  un-ionized  AgCl,  complex  ions,  such  as  AgCl2~  and 
AgCl3=,  will  also  be  formed  in  significant  quantities  in  a  solution  1  F  in 
chloride  ion,  and  the  formal  solubility  of  silver  chloride  will  be  the 
sum  of  all  the  various  silver  species  present.  The  formation  of  the 
complex  ion  AgCl2~  can  be  represented  as 

AgCl  +  CI-  =  AgCLr 

and  the  formation  constant  for  AgCl2~  has  been  calculated  as  90, 
that  is, 

[AgCl,-]     =% 

[AgCl][Cl-]       ' 

Thus  if  [CI-]  =  1.0,  the  [AgCl2~]  can  be  calculated  as  follows,  for  a 
solution  in  equilibrium  with  solid  silver  chloride: 

[AgCl,"]  =  (90)  [AgCl]  [CT] 

=  (90) (3.6  X  10-7)(1.0)  =  3.2  X  10~5 

The  contribution  of  the  AgCl2~  alone  to  the  formal  solubility  of  silver 
chloride  in  a  1.0  molar  chloride  solution  is  greater  than  the  solubility 
in  pure  water;  the  experimental  solubility  of  silver  chloride  in  1  M 
chloride  solutions  is  approximately  10~4  F,  with  AgCl2_  and  AgCl3= 
being  the  predominant  species. 

The  very  important  practical  conclusion  to  be  drawn  from  these 
calculations  is  that  where  there  is  the  possibility  of  complex  ion  forma- 
tion one  must  be  especially  careful  about  attempting  to  reduce  the 
solubility  of  a  compound  by  application  of  the  common  ion  effect. 
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Ammine  Complex  Ions 

An  example  of  the  analytical  use  of  complex  ions  of  a  different  type, 
that  is,  where  a  common  ion  is  not  involved,  is  found  in  P.  33;  here 
an  ammonia  solution  is  used  to  form  the  diammine  silver  ion,  Ag(NH3)2+, 
and  thus  to  dissolve  silver  chloride. 

The  effect  of  the  presence  of  ammonia  on  the  solubility  of  silver 
chloride  can  be  evaluated  by  use  of  the  dissociation  constant  for  the 
complex  ammine.  In  other  than  very  concentrated  or  very  dilute 
ammonia  the  predominant  complex  is  Ag(NH3)2+  and  we  have 

ra*K  =  6.8  X  10- 

[Ag(NH3)2+] 

A  situation  analogous  to  that  which  was  discussed  on  p.  81  for 
solutions  of  carbon  dioxide  in  water  exists  in  the  case  of  solutions  of 
ammonia  in  water.  There  we  had  a  molecule,  C02,  hydrating  to  form 
an  acid,  H2C03;  here  we  have  another  molecule,  NH3,  hydrating  to 
form  a  base,  NH4OH;  in  neither  case  has  the  hydration  equilibrium 
been  accurately  measured. 

Therefore,  in  equilibrium  expressions  such  as 

[NH4+l[OH-] 

[NH4OH]  B 

and 

[Ag+1[NH3?  _. 
[Ag(NH3)2+]       Aloniz 

the  terms  [NH3]  and  [NH4OH]  do  not  represent  the  molar  concentra- 
tions of  each  species,  but  their  sum,  that  is,  [NH4OH]  +  [NH3], 
exactly  analogous  to  the  use  of  either  [C02]  or  [H2C03]  to  represent 
the  sum  of  [C02]  +  [H2C03].  In  this  case  we  have  the  hydration 

reaction 

NH3  +  H20  =  NH4OH 

and  the  corresponding  equilibrium  expression  is 

[NH4OH]       K 

[NH3] 

This  constant  also  is  difficult  to  evaluate  experimentally,  but  since 
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[NH4OHT  +  rNHsl       r 

[NH3]  + 

we  may  use  the  total  concentration  in  mass-action  expressions. 

It  is  apparent  from  the  above  equilibrium  expression  for  the  diam- 
mine  silver  ion  that  in  a  solution  which  is  1  molar  in  NH3,  the  ratio  of 
[Ag+]  to  [Ag(NH3)2+]  is  6.8  X  10"8.  If  the  concentration  of  silver  in 
such  a  solution  is  0.01  F,  the  [Ag+]  would  be  only  6.8  X  10"10.  This 
means  that  in  order  to  satisfy  the  solubility  product  of  silver  chloride 
and  to  saturate  such  a  solution,  the  chloride  ion  would  have  to  be 
0.15  molar.  However,  as  has  been  shown  above,  if  the  chloride  concen- 
tration is  raised  to  such  a  value,  significant  amounts  of  AgCl2~  will 
also  be  formed.  Ammine  complex  ions  are  used  frequently  in  this 
system. 


Physical  Characteristics  of  Precipitates 

In  solid-liquid  phase  separations  one  has  to  separate  the  solid  phase, 
or  precipitate,  from  the  solution.  Obviously  it  is  advantageous  to 
obtain  the  precipitate  in  a  form  which  facilitates  this  separation,  re- 
gardless of  whether  centrifugation  or  filtration  is  used.  The  ideal 
situation  would  be  to  cause  the  precipitate  to  form  as  a  single  large 
crystal  which  could  be  plucked  from  the  solution,  but  this  is  imprac- 
tical. 

We  may  be  inclined  to  think  that  the  chemical  composition  of  a 
compound  determines  whether  a  precipitate  tends  to  be  crystalline  or 
amorphous,  granular  or  gelatinous,  highly  dispersed  or  composed  of 
coarse  particles.  However,  experimental  investigations  show  that  these 
characteristics  are  determined  more  by  the  conditions  existing  during 
precipitation  than  by  the  chemical  nature  of  the  precipitate.  This 
apparent  anomaly  results  from  the  fact  that  the  above  characteristics 
are  controlled  by  such  related  factors  as  the  particle  size  and  degree 
of  hydration  of  the  precipitate,  and  by  the  fact  that  the  greater  the 
degree  of  supersaturation  the  greater  the  tendency  of  the  precipitate 
to  form  as  a  large  number  of  very  fine  particles  or  primary  nuclei. 
If  a  precipitate  is  caused  to  separate  from  a  greatly  supersaturated 
solution,  the  precipitation  process  takes  place  very  rapidly  and  the 
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precipitate  consists  of  primary  crystallization  nuclei  which  are  very 
fine  particles.  Such  fine  particles  have  a  tremendously  large  surface 
area;  since  there  is  a  tendency  for  ions  and  polar  molecules  to  concen- 
trate, or  to  be  adsorbed,  at  such  surfaces  or  phase  interfaces,  these 
finely  divided  precipitates  tend  to  be  hydrous  or  even  gelatinous  when 
coagulated,  or  to  remain  suspended. 

Such  suspensions  are  stabilized  when  the  particles  have  become  sim- 
ilarly charged  by  adsorption  of  a  particular  ion  because  of  the  repulsion 
of  the  similar  charges.  Particles  with  diameters  of  less  than  approx- 
imately 10-4  mm  tend  to  form  relatively  stable  suspensions  of  this  type 
and  are  called  colloidal  solutions.  A  more  accurate  term  is  colloidal 
suspensions  since  obviously  they  are  heterogeneous  systems  and  not 
true  solutions.  (Read  the  discussion  of  colloidal  systems  in  your  general 
chemistry  text.) 

Another  effect  is  involved  in  the  precipitation  process.  Theoretical 
considerations  lead  to  the  prediction,  and  experimental  measurements 
have  verified,  that  very  small  crystals  are  appreciably  more  soluble 
than  are  large  ones.  Consequently  the  more  slowly  a  precipitate  is 
caused  to  form,  the  smaller  the  number  of  original  crystallization 
nuclei  or  particles,  and  the  greater  the  tendency  thereafter  for  pre- 
cipitation to  take  place  as  enlargement  or  growth  of  the  original 
crystals  rather  than  the  formation  of  new  nuclei.  It  is  also  apparent 
that  the  longer  a  precipitate  stands  the  greater  opportunity  there  is 
for  the  smaller,  more  soluble  particles  to  dissolve  and  reprecipitate 
on  the  larger  particles,  or  for  what  is  called  crystal  growth  to  occur. 

In  precipitation  separations  you  should  attempt  to  avoid  finely 
divided  precipitates.  If  these  are  gelatinous  or  colloidal  they  are 
difficult  to  filter.  In  addition,  such  precipitates,  especially  if  they  have 
been  forced  to  form  rapidly,  are  very  likely  to  be  nonhomogeneous  or 
"imperfect";  that  means  they  will  contain  significant  quantities  of  the 
solution  or  of  adsorbed  or  entrapped  impurities  from  the  solution. 

In  carrying  out  the  procedures  of  this  system  you  will  find  various 
expedients  used  to  obtain  pure  precipitates  with  crystals  of  such  a 
size  as  to  be  easily  filtered  or  centrifuged.  In  general  these  expedients 
attempt,  first,  to  minimize  the  degree  of  supersaturation  during  the 
precipitation  process,  and,  second,  to  facilitate  growth  or  "perfection" 
of  the  initial  precipitate.  These  expedients  include  slow  addition  of 


96  (CHAP.    5)     CHEMICAL    REACTIONS    III 

precipitant,  rapid  stirring  during  this  addition,  and  increase  of  solu- 
bility of  the  precipitate  during  the  early  stages  of  precipitation  by 
heating  the  solution  or  by  pH  control.  For  instance,  the  precipitation 
of  the  salts  of  weak  acids  will  be  started  in  acid  solutions  in  which 
they  are  much  more  soluble.  Finally  precipitates  are  allowed  to  stand 
in  hot  solutions  or  for  extended  periods  of  time  in  order  to  obtain 
crystal  growth  and  elimination  of  impurities.  Specific  examples  of  the 
use  of  these  measures  will  be  pointed  out  as  they  occur  in  the  subse- 
quent procedures. 


QUESTIONS  AND  PROBLEMS 


1.  (a)  Chloroform  (trichloromethane,  CHC13)  and  water  solutions  sat- 
urated at  25°  C  with  iodine  are  0.169  F  and  0.0013  F  in  I2  respectively.  Calcu- 
late a  value  for  the  distribution  ratio  for  iodine  between  CHC13  and  water. 
What  assumptions  are  made  regarding  the  formal  solubilities? 

(b)  Calculate  a  distribution  ratio  for  iodine  between  CHCI3  and  CCU 
(assume  the  two  liquids  immiscible). 

2.  (a)  An  aqueous  solution  containing  20  mg  of  iodine  in  10  ml  of  solu- 
tion was  shaken  until  equilibrium  was  established  with  3  successive  5-ml  por- 
tions of  CCU.  Calculate  the  mg  of  iodine  remaining  in  the  aqueous  solution. 

(b)  The  process  was  repeated  with  a  similar  aqueous  solution,  but 
5  successive  3-ml  portions  of  CCI4  were  used.  Calculate  the  mg  of  iodine  re- 
maining in  the  aqueous  solution. 

What  conclusion  can  be  reached  from  a  consideration  of  these  values? 

3.  What  would  be  the  effect  of  the  presence  of  KI  in  the  aqueous  solution 
upon  the  distribution  of  iodine  between  aqueous  and  CCb  solutions? 

4.  The  formal  solubilities  at  room  temperature  of  some  typical  salts  are 
as  follows:  (a)  AgI03,  1  X  10"4;  (b)  Cu2S,  1  X  lO"13;  (c)  TI3PO4,  7  X  10"3; 
(d)  Ba(P>r03)2H20,  1.9  X  10~2;  (e)  BaSe04,  2.9  X  10"5;  (/)  Pb3(P04)2,  1.7  X 
10-7;  (g)  La(OH)3,  8  X  10-6;  (h)  La2(C204)3-9H20,  1.1  X  10"6;  (0  Ce(I03)4, 
1.8  X  10-4;  (J)  MgNH4PCv6H20,  2  X  lO"3. 

Calculate  the  solubility  products  for  these  salts;  assume  (1)  that  these 
salts  in  their  saturated  solutions  are  completely  ionized,  (2)  that  the  resulting 
ions  are  not  significantly  hydrolyzed,  and  (5)  that  the  molar  concentrations 
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of  the  ions  are  approximately  equal  to  their  activities.  State  in  which  cases 
these  assumptions  introduce  serious  errors. 

5.  Make  use  of  the  data  in  the  Appendix  to  calculate  the  [Cu+]  in  a  sat- 
urated solution  of  CuCl  in  water;  in  0.010  F  NaCl.  Are  these  the  formal  solu- 
bilities of  CuCl  in  these  solutions?  What  other  factors  would  affect  the  formal 
solubilities? 

6.  Proceed  as  directed  in  Problem  5  and  calculate  the  [Pb++]  in  a  sat- 
urated solution  of  PbCl2  in  water. 

7.  Calculate  the  solubility  of  silver  acetate  in  water;  in  0.10  F  HN03. 

8.  Calculate  the  pH  at  which  ZnS  would  just  begin  to  precipitate  (assum- 
ing equilibrium)  from  a  solution  at  room  temperature  which  is  10~3  M  in  Zn+  + 
and  saturated  with  H2S  at  atmospheric  pressure. 

9.  Calculate  the  formal  solubility  of  silver  thiocyanate  in  water;  calculate 
also  the  formal  solubility  in  0.1  F  ammonia;  note  the  effect  of  the  ammonia. 


Chapter  O 


Periodic  Properties  of  the  Elements 
and  the  Major  Group  Separations 
of  this  System 


Jin  connection  with  your  study  of  this  chapter  you  should  review  the 
following  topics  in  your  general  chemistry  text:  the  periodic  system 
and  the  electronic  structures  of  the  elements  responsible  for  this 
periodicity;  the  various  types  of  chemical  bonds;  the  electronegativity 
concept;  and  the  effect  of  bond  type  upon  the  properties  of  compounds. 
Your  general  chemistry  text  has  pointed  out  that  there  is  a  gradual 
transition  in  the  physical  properties  of  the  elements  as  one  proceeds 
from  left  to  right  along  a  horizontal  row  (a  period)  of  the  periodic 
table.  The  elements  of  any  vertical  column  are  usually  referred  to  as  a 
group  and  have  similar  chemical  and  physical  properties.  There  is 
generally  an  orderly  change  in  these  properties  as  one  goes  from  the 
top  to  the  bottom  of  a  column.  This  similarity  of  properties  within 
the  members  of  a  group  is  especially  pronounced  in  the  columns  of  the 
periodic  table  labeled  la  and  Ila,  and  Via  and  Vila  (on  the  left  and 
right  sides,  respectively,  of  the  periodic  table  shown  in  the  frontis- 
piece) .  The  elements  of  each  of  the  shorter  columns  labeled  lb  to  VII6, 
and  VIII  (these  are  the  central  elements  of  the  long  periods)  likewise 
resemble  each  other  in  their  properties.  Also  these  "6"  elements  and 
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the  "a"  elements  of  the  same  column  number  in  the  first  two  periods 
of  eight  have  similar  properties.  However,  these  similarities  are  less 
pronounced  than  those  which  exist  among  the  "a"  elements  of  a  given 
column. 

The  elements  of  the  subcolumns  from  III6  across  to  and  including 
the  subcolumns  under  VIII  are  called  transition  elements.  These  col- 
umns, which  are  headed  by  the  elements  from  scandium  (21)  to  nickel 
(28),  contain  elements  in  which  an  inner  electronic  shell  is  being  filled. 
The  elements  of  the  subcolumns  16  and  II&,  headed  by  copper  (29) 
and  zinc  (30),  are  also  frequently  classified  as  transition  elements 
because  some  of  their  properties  are  similar  to  those  of  the  elements 
in  columns  III6  through  VIII. 


Metals,  Nonmetals,  and  Metalloids 

The  elements  of  columns  la  and  Ha  have  relatively  high  electrical 
and  thermal  conductivities  and  their  electrical  conductivities  decrease 
with  increasing  temperature.  These  elements  have  a  pronounced  luster 
and  high  reflectivity,  they  are  ductile  and  malleable  and  flow  under 
mechanical  stress,  and  they  emit  electrons  relatively  easily  when 
subjected  to  radiation  or  thermal  excitations.  These  properties  are 
attributed  to  the  presence  of  relatively  loosely  bound  electrons  in 
these  elements. 

Elements  characterized  by  the  properties  listed  above  are  called 
metals;  elements  lacking  in  these  properties  are  called  nonmetals; 
those  which  are  intermediate  in  nature  are  called  metalloids.  There 
are  no  abrupt  changes  in  elemental  properties  as  one  proceeds  either 
horizontally  across  a  row  or  vertically  down  a  column  of  the  periodic 
table;  therefore,  sharp  dividing  lines  cannot  be  drawn  to  distinguish 
these  three  classes  of  elements. 

The  elements  of  columns  la  and  Ha,  respectively,  are  called  the 
alkali  and  alkaline  earth  elements.  The  outermost  electrons  of  these 
elements  are  easily  removed.  After  their  removal  these  elements  dis- 
play the  octet  electronic  configuration  of  the  nearest  noble  gas.  The 
alkali  and  alkaline  earth  elements  are  outstanding  in  the  extent  to 
which  they  exhibit  the  properties  of  metals. 
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On  the  other  hand  the  elements  of  columns  Via  and  Vila  tend  to  add 
electrons  and  assume  the  electronic  configuration  of  the  nearest  noble 
gas.  As  elements  they  must  share  electrons  to  assume  this  configura- 
tion and  thus  they  exist  in  the  elemental  state  as  molecules  such  as 
Cl2  and  S8.  These  elements  complete  a  stable  outer  octet  of  electrons 
by  electron-pair  bond  formation  and  thus  there  are  no  free  electrons 
available;  therefore  they  are  nonconducting.  Their  other  properties  are 
also  different  from  the  properties  of  metals  and  consequently  they  are 
classified  as  nonmetals. 

As  you  descend  a  given  column  of  the  periodic  table  the  elements 
become  more  metallic  in  their  properties;  the  larger  the  atom  the  less 
firmly  the  outer  electrons  are  held.  As  a  result,  the  most  metallic 
elements  are  found  in  the  lower  left-hand  portion  of  the  periodic  table; 
the  most  nonmetallic  are  found  in  the  upper  right-hand  portion;  and 
the  metalloids  divide  them.  The  elements  boron,  silicon,  germanium, 
arsenic,  antimony,  and  bismuth  are  generally  classified  as  metalloids. 
They  extend  diagonally  between  the  metals  and  the  nonmetals.  The 
elements  to  the  left  of  these  metalloids  in  their  respective  rows  are 
predominantly  metallic  in  their  properties  and  those  to  the  right  are 
predominantly  nonmetallic.  You  will  observe  that  a  large  proportion 
of  the  elements  are  classified  as  metals. 

Thus  we  see  that  the  properties  of  the  elements  leading  to  their 
classification  as  metals,  metalloids,  and  nonmetals  can  be  explained 
by  the  relative  availability  of  loosely  bound  outer  electrons.  In  the  case 
of  metals  these  electrons  are  readily  available,  while  the  nonmetallic 
atoms  tend  to  hold  their  electrons  more  strongly  by  sharing  them 
with  other  atoms  in  order  to  achieve  a  stable  octet  configuration.  This 
relation  between  the  physical  properties  of  the  elements  and  their  elec- 
tronic structures  is  of  interest  here  because  the  same  structural  factors 
are  largely  responsible  for  the  types  of  compounds  which  the  elements 
form.  When  an  atom  of  one  of  the  metallic  elements  of  column  la 
reacts  with  an  atom  of  one  of  the  nonmetallic  elements  of  column  Vila 
the  metallic  element  is  forced  to  become  an  electron  donor,  and  is  said 
to  be  electropositive;  the  nonmetallic  element  acts  as  an  electron 
acceptor,  and  is  said  to  be  electronegative.  The  resulting  compound 
will  be  predominantly  ionic  in  character,  which  means  that  it  will 
consist  mainly  of  positive  ions  (cations)  of  the  metallic  element  and 


ELECTRONEGATIVITY  101 

negative  ions  (anions)  of  the  nonmetallic  element.  The  crystals  of  such 
compounds  are  held  together  predominantly  by  electrostatic  forces 
known  as  ionic  bonds;  such  crystals  tend  to  be  extremely  hard  and  to 
have  high  melting  points. 

It  was  stated  above  that  the  nonmetallic  elements  tended  to  share 
electrons  as  electron-pair  bonds  in  order  to  attain  a  stable  octet  con- 
figuration and  thus  they  exist  as  molecules.  Such  electron-pair  bonds 
are  called  covalent  bonds.  When  a  predominantly  metallic  element 
reacts  with  a  predominantly  nonmetallic  element  there  is  essentially 
a  transfer  of  electrons  and  an  ionic  compound  (one  held  together  by 
electrostatic  bonds)  is  formed.  When  a  nonmetallic  element  forms  a 
compound  by  pairing  one  or  more  electrons  with  those  of  another 
nonmetallic  element,  the  term  covalent  bond  is  again  applied  to  the 
resultant  electron  pair.  Since  we  find  a  gradual  transition  from  metallic 
elements  to  nonmetallic  elements  we  find  compounds  in  which  the 
types  of  bonds  range  from  predominantly  ionic  to  predominantly  co- 
valent. The  tendency  of  an  element  to  attract  the  electrons  of  an 
electron-pair  bond  is  called  its  electronegativity.  By  making  use  of  the 
ionization  potential  and  the  electron  affinity  of  an  element,  or  by  con- 
sidering the  reactions  which  the  element  undergoes  and  the  properties 
of  the  resulting  compounds,  numbers  can  be  assigned  to  the  elements 
which  give  a  relative  measure  of  this  tendency.  Values  of  the  relative 
electronegativities  of  the  elements  are  shown  in  Table  4.  As  you  might 
expect,  the  pattern  formed  by  the  electronegativities  of  the  elements 
conforms  to  the  pattern  of  the  periodic  table. 

A  survey  of  this  table  shows  that  the  electronegativities  of  the  ele- 
ments of  a  given  row  of  the  periodic  table  increase  from  the  typically 
metallic  elements  of  column  I  to  the  nonmetallic  elements  of  column 
VII.  Note  the  series  Na,  0.9;  Mg,  1.2;  Al,  1.5;  Si,  1.8;  P,  2.1;  S,  2.5; 
and  CI,  3.0.  Also,  from  the  top  of  a  given  column  downward,  the  elec- 
tronegativities decrease,  as  with  the  halides:  F,  4.0;  CI,  3.0;  Br,  2.8; 
I,  2.5.  The  elements  with  the  most  metallic  properties  are  found  in  the 
lower  left-hand  corner  of  the  periodic  table  and  they  have  the  lowest 
electronegativity  values;  the  least  metallic  elements  are  found  in  the 
upper  right-hand  corner  and  have  the  highest  electronegativity  values. 
When  a  strongly  metallic  element  reacts  with  a  strongly  nonmetallic 
element  there  is  a  relatively  large  difference  in  their  electronegativities 
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and  we  can  predict  that  the  bond  between  them  will  be  strong  and 
predominantly  ionic  in  character;  also  the  reaction  will  be  accom- 
panied by  the  evolution  of  a  large  quantity  of  heat.  When  the  differ- 
ence between  the  electronegativities  of  two  elements  is  1.9  units  the 
bond  between  them  will  show  approximately  equal  amounts  of  ionic 
and  covalent  character.  If  this  difference  is  less  than  1.2,  the  bond  will 
tend  to  be  predominantly  covalent  in  character,  while  if  the  difference 
is  greater  than  2.6  the  bond  will  be  predominantly  ionic.  Differences 
between  1.2  and  2.6  indicate  the  bonds  are  intermediate  in  character 
and  will  trend  from  predominantly  covalent  to  predominantly  ionic. 


Oxygen  Compounds  of  the  Elements 

Because  of  its  abundance  and  reactivity  oxygen  plays  a  tremen- 
dously important  part  in  the  processes,  both  geological  and  biological, 
taking  place  on  the  earth.  For  this  reason  it  is  appropriate  to  examine 
the  types  of  compounds  which  the  various  elements  form  with  oxygen, 
and  then  to  extend  this  examination  to  the  behavior  of  these  com- 
pounds in  water  as  a  solvent.  The  discussion  in  your  general  chemistry 
text  of  oxygen,  its  occurrence  and  properties,  and  of  water  and  its 
physical  and  chemical  properties  should  be  reviewed. 

Oxygen  is  nonmetallic  and  with  the  exception  of  fluorine  is  the  most 
electronegative  element.  As  a  result  we  expect  that  the  bond  between 
a  strongly  metallic  element  and  oxygen  will  be  predominantly  ionic 
in  character  and  this  is  indeed  the  case.  Conversely,  there  are  rela- 
tively small  electronegativity  differences  between  oxygen  and  the  non- 
metallic  elements  and  the  bonds  in  the  oxides  of  these  elements  are 
predominantly  covalent  in  nature.  Thus  the  oxides  of  the  metallic 
elements  of  columns  la  and  Ila  are  nonvolatile  solids;  the  oxides  of  the 
nonmetallic  elements  of  columns  Via  and  Vila  are  molecular  com- 
pounds and  exist  as  gases  or  relatively  volatile  solids.  Typical  exam- 
ples of  the  metallic  oxides  are  Na20  and  CaO;  of  nonmetallic  oxides, 
C120,  S02,  and  Se02.  We  can  predict  to  what  extent  the  bonds  of  an 
oxide  will  be  ionic  or  covalent  by  making  use  of  the  electronegativity 
values  given  in  Table  i.  The  difference  in  the  electronegativity  values 
for  oxygen  and  sodium  is  2.6  and  therefore  one  expects  Na20  to  be 
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predominantly  ionic;  the  difference  in  the  values  for  oxygen  and  chlo- 
rine is  0.5  and  therefore  the  bonds  in  C120  should  be  predominantly 
covalent.  The  bonds  in  BeO  and  A1203  should  be  intermediate  in 
character. 

Behavior  of  Oxides  with  Water 

Water  is  unique  in  the  extent  to  which  it  occurs  on  earth,  in  its 
properties  as  a  solvent,  and  in  the  extent  to  which  it  is  used  as  a  solvent 
medium  in  which  to  carry  out  chemical  reactions.  For  this  reason  it  is 
of  interest  to  note  the  chemical  behavior  of  the  various  types  of  oxides 
in  aqueous  solutions. 

Ionic  Oxides.  The  oxides  of  the  alkali  metals  are  predominantly  ionic 
compounds  and  exist  in  the  solid  state  as  unipositive  cations  and 
binegative  oxide  anions.  If  sodium  oxide,  (Na+)20=,  is  put  into  water 
(an  ionizing  solvent  because  of  its  high  dielectric  constant),  there  is  a 
tendency  for  Na+  and  0=  ions  to  pass  into  solution.  However,  since 
water  is  a  diprotic  acid  with  the  first  proton  being  much  more  ionized 
than  the  second,  the  following  reaction  takes  place: 

H20  +  0=  =  20H- 

This  reaction  proceeds  so  quantitatively  to  the  right  that  the  con- 
centration of  0=  existing  in  aqueous  solutions  can  be  neglected  for 
experimental  purposes.  This  reaction  is  quite  analogous  to  the  reaction 
taking  place  when  Na2S  is  added  to  water  and  the  aqueous  solution 
is  saturated  with  H2S,  that  is 

H2S  +  S=  =  2HS-. 

It  is  apparent  from  the  reaction  between  water  and  oxide  ion  given 
above  that  when  an  ionic  oxide  dissolves  in  water  the  hydroxyl  ion 
concentration  of  the  solution  will  increase,  and  the  solution  will  be- 
come more  alkaline. 

Covalent  Oxides.  When  the  oxide  of  a  predominantly  nonmetallic  ele- 
ment, such  as  C120,  dissolves  in  water  the  reactions  resulting  are  quite 
different  from  those  obtained  with  an  ionic  oxide.  Because  of.  the  co-. 
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valent  bonding  (the  electronegativity  difference  between  chlorine  and 
oxygen  being  only  0.5)  there  is  no  significant  ionization  into  Cl+  and 
0=  when  the  oxide  is  dissolved  in  water.  Instead,  the  following  reaction 

takes  place: 

C120  +  H20  =  2C10H 

Again,  the  oxide  oxygen  of  the  C120  acquires  a  proton,  but  in  this  case 
because  of  the  covalent  bonding  between  the  chlorine  and  oxygen 
atoms  there  is  no  significant  ionization  of  the  OH  group  as  hydroxyl. 
The  difference  between  the  behavior  of  Na20  and  C120  with  water  is 
due  to  the  fact  that  the  chlorine  in  ClOH  is  more  electronegative 
than  the  hydrogen;  consequently,  the  electrons  of  the  oxygen  are 
shifted  toward  the  chlorine  and  away  from  the  hydrogen.  As  a  result 
the  bond  between  the  oxygen  and  hydrogen  is  weakened  and  the 
hydrogen  is  more  easily  removed;  in  aqueous  solution  it  can  attach 
itself  to  a  water  molecule  to  form  H30+.  When  this  occurs  the  solution 
becomes  more  acid.  Sodium,  being  less  electronegative  than  hydrogen, 
does  not  shift  electrons  away  from  the  H-0  bond;  thus  when  NaOH 
dissolves  in  water  the  H-0  bond  is  not  broken  but  ionization  gives 
Na+  and  OH".  As  stated  above,  ClOH  does  not  ionize  in  aqueous  solu- 
tions to  give  OH-,  but  does  ionize  to  a  small  extent  to  give  H+  and 
CIO-.  Because  of  this  the  compound  is  conventionally  written  as 
HCIO  (or  HOC1)  and  is  called  hypochlorous  acid  rather  than  chlorine 
hydroxide.  Moreover,  C120,  chlorine  monoxide,  is  considered  to  be  an 
acid  anhydride,  that  is,  an  oxide  which  upon  hydration  forms  an  acid. 


Effect  of  Oxidation  State  on  the  Properties  of  Oxides 

Consider  the  behavior  of  S02  (sulfur  dioxide,  oxidation  number  of 
sulfur  +4)  and  S03  (sulfur  trioxide,  oxidation  number  of  sulfur  +6) 
in  water. 

Sulfur  dioxide  is  one  of  a  large  number  of  molecules  whose  structure 
cannot  be  properly  shown  by  the  usual  electronic  representation,  be- 
cause the  oxygen-sulfur  bonds  are  neither  single  nor  double  bonds 
but  have  intermediate  properties.  The  situation  with  sulfur  dioxide 
is  conventionally  represented  by  writing  the  two  electronic  formulas 
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and  saying  that  the  actual  structure  is  a  resonance  hybrid  of  the  two. 
Since  there  is  a  difference  of  only  one  unit  in  the  electronegativities  of 
sulfur  and  oxygen  the  bonds  in  sulfur  dioxide  will  be  predominantly 
covalent.  Therefore  there  is  little  tendency  for  ionization  into  a  sulfur 
cation  and  an  oxygen  anion  when  S02  is  dissolved  in  water.  Rather, 
the  sulfur  atom  tends  to  complete  a  stable  octet  configuration  and 
does  this  by  attracting  the  electron  pairs  of  a  water  molecule  and 
hydrating  to  form  H2S03.  The  electronic  formula  of  H2S03  is 


H— O      :  o :      O— H. 

In  this  molecule,  as  in  HCIO,  the  electron  pair  bonds  formed  between 
the  oxygens  and  the  sulfur  cause  a  shift  in  electron  density  which 
results  in  a  weakening  of  the  hydrogen-oxygen  bond.  The  hydrogen 
ions  can  then  attach  themselves  to  water  molecules,  forming  H30+, 
and  the  solution  becomes  more  acid.  With  H2S03,  as  with  HCIO,  the 
weakening  of  the  hydrogen-oxygen  bond  is  of  such  a  limited  extent 
that  only  a  small  fraction  of  the  protons  is  transferred  to  the  solvent, 
predominantly  as  H30+  ions.  In  other  words,  H2S03  and  HCIO  are 
weak  acids. 

When  S03  is  dissolved  in  water  H2S04  is  formed.  The  increase  in  the 
oxidation  state  of  the  sulfur  increases  the  effective  positive  charge  on 
the  sulfur  atom.  This  gives  it  an  increased  attraction  for  available 
electron  pairs;  for  this  reason  the  tendency  of  S03  to  hydrate  is  much 
greater  than  that  of  S02  and  the  energy  of  the  hydration  reaction, 
as  shown  by  the  heat  evolved,  is  much  greater. 

In  addition,  because  of  the  increase  in  effective  positive  charge  the 
sulfur  atom  in  H2S04  has  a  much  greater  attraction  for  electrons  than 
the  sulfur  atom  in  H2S03.  This  causes  an  even  greater  weakening  of 
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the  hydrogen-oxygen  bonds.  As  a  result  the  protons  of  H2S04  are  much 
freer  to  attach  themselves  to  water  molecules  and  H2S04  is  a  stronger 
acid  (more  highly  ionized)  than  is  H2S03.  This  effect,  caused  by  the 
charge  on  the  positive  element  in  oxides  and  oxygen  acids,  is  general 
in  character.  One  can  state  as  a  rule  that  as  the  oxidation  state  of  an 
element  increases,  the  corresponding  oxides  become  more  acidic  in 
properties;  this  means  that  the  products  of  their  reaction  with  water 
have  less  tendency  to  ionize  as  hydroxides  and  more  tendency  to 
ionize  as  acids,  and  the  resulting  acids  become  more  highly  ionized. 

The  acid  ionization  constants  of  the  oxygen  acids  of  chlorine  illus- 
trate this  effect ;  thus 

HCIO   ...  A' 4  -  10-8 
HCIO,  .  .  .  KA  =  10-2 
HCIO3.  .  .KA  =  103 
HCIO4  .  .  .  KA  =  108 

Another  example  is  given  by  the  oxides  of  manganese,  which  range 
from  being  predominantly  basic  to  predominantly  acidic  in  character. 
Thus  MnO  hydrates  to  give  Mn(OH)2,  which,  while  only  slightly 
soluble,  ionizes  to  give  Mn++  and  OH~  ions;  it  therefore  becomes  more 
soluble  if  the  hydrogen  ion  concentration  of  the  solution  is  increased 
and  less  soluble  as  the  hydroxy  1  ion  concentration  is  increased.  The 
bonds  in  Mn02  have  so  little  acidic  or  basic  character  that  not  only 
is  Mn02  extremely  insoluble  in  water,  but  also  it  is  not  appreciably 
dissolved  by  either  concentrated  acid  or  base.  The  oxides  Mn03  and 
MnA  are  both  unstable  and  tend  to  decompose  into  oxygen  and 
Mn02,  but  their  hydration  products  are  more  stable  and  both  H2Mn04 
and  HMn04  are  strong  acids. 

Effect  of  Atomic  Size  on  the  Properties  of  Oxides 

If  the  oxides  and  oxyacids  of  the  elements  of  a  given  vertical  column 
of  the  periodic  table  are  examined,  we  find  that  for  a  given  oxidation 
state  the  oxides  become  less  acidic  in  nature  and  the  acids  become  less 
highly  ionized  as  we  proceed  down  the  column.  This  trend  illustrates 
the  effect  of  the  size  of  the  element  when  the  charge  of  its  ion  is  con- 
stant. The  smaller  the  atom  the  more  concentrated  is  the  charge  and 
the  greater  the  attraction  of  the  central  atom  for  the  electron  pairs 
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of  the  oxygen  atoms.  This  leaves  the  oxygen  atoms  more  positive  and 
weakens  the  hydrogen-oxygen  bond.  Thus  the  ionization  constant  for 
the  first  proton  of  H2S03  is  approximately  10~2,  that  for  H2Se03  is 
10-3,  and  that  for  H2Te03  is  lO"6.  In  addition,  whereas  S02  and  Se02 
are  quite  soluble  in  water,  Te02  is  only  slightly  soluble;  the  saturated 
solution  is  only  about  10-4  formal  in  Te02.  Finally,  H2Te03  is  not 
only  a  very  weak  acid,  but  the  tellurium-oxygen  bond  is  so  weak 
that  in  a  concentrated  acid  solution  one  of  the  hydroxyl  groups  can 
be  removed.  Thus  H2Te03  not  only  behaves  as  an  acid  in  neutral  or 
alkaline  solutions,  but  it  can  behave  as  a  base  in  acidic  solutions. 
Oxides  and  their  hydration  products  which  act  in  this  dual  manner 
are  said  to  be  amphoteric,  from  the  Greek  word  amphoteros,  meaning 
both. 

The  effect  of  atomic  size  can  also  be  illustrated  with  the  metallic 
elements  of  column  II.  Of  these  elements  beryllium  is  the  least  electro- 
positive and  has  the  highest  electronegativity  value,  1.5.  Therefore  its 
oxide  has  more  covalent  bonding  than  the  oxides  of  the  other  elements. 
As  a  result  beryllium  hydroxide  is  not  only  a  weak  base,  it  is  relatively 
insoluble  in  water,  although  it  is  soluble  in  acids.  In  addition,  because 
of  its  relatively  high  charge  density,  the  beryllium  atom  of  Be(OH)2 
can  attract  the  electron  pairs  of  an  additional  hydroxyl  group  and 
form  the  Be(OH)3-  ion,  and  thus  beryllium  oxide  becomes  more 
soluble  as  the  hydroxyl  ion  concentration  is  increased.  Because  of 
this  dual  behavior,  beryllium  oxide  and  hydroxide  are  said  to  be 
amphoteric. 

As  can  be  seen  from  Table  6,  page  233,  there  is  a  relatively  large  in- 
crease in  ionic  radius,  from  0.31  to  0.65  A,  in  going  from  Be++  to  Mg++, 
and,  in  addition,  the  electronegativity  of  magnesium  is  1.2  as  com- 
pared to  1.5  for  beryllium.  Magnesium  oxide  is  predominantly  ionic 
in  character  and  hydrates  readily  to  Mg(OH)2  which,  while  not  highly 
ionized  and  only  slightly  soluble,  does  not  show  significant  amphoteric 
properties.  As  seen  from  Table  6,  calcium,  strontium,  and  barium 
show  successive  increases  in  atomic  radii.  Their  oxides  are  predom- 
inantly ionic,  they  show  increasing  tendencies  to  hydrate  to  form 
hydroxides,  and  their  hydroxides  become  increasingly  more  soluble  and 
more  highly  ionized. 

We  are  now  in  a  position  to  classify  the  oxides  of  the  elements  in 
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accordance  with  their  reactions  with  water  or  with  aqueous  solutions 
having  various  pH  values.  We  will  classify  them  as  basic  oxides, 
acidic  oxides,  and  amphoteric  oxides. 

Basic  Oxides 

An  oxide  can  be  classified  as  basic:  (1)  if  when  treated  with  water 
it  dissolves  significantly  and  gives  an  alkaline  solution  (in  other 
words,  if  it  reacts  with  water  to  form  a  soluble  ionized  hydroxide),  or 
(2)  if  the  solubility  of  the  oxide  or  hydroxide  (a)  decreases  as  the 
hydroxyl  ion  concentration  of  the  saturated  solution  is  increased,  and 
(b)  increases  as  the  hydrogen  ion  concentration  is  increased.  Examples 
of  the  first  type,  which  are  the  most  basic,  are  the  typically  ionic 
oxides  of  the  alkali  metals  and  alkaline  earth  metals  below  beryllium. 
Examples  of  oxides  of  the  second  type  are  the  oxides  and  hydroxides 
of  the  elements  below  aluminum  in  the  third  vertical  column  of  the 
periodic  table  (the  hydroxides  of  the  rare  earth  elements  are  only 
slightly  soluble  but  are  highly  ionized),  and  the  oxides  of  the  lower 
oxidation  states  of  manganese,  iron,  cobalt,  nickel,  and  copper.  Thus 
MnO,  Mn203,  FeO,  Fe203,  CoO,  NiO,  and  Cu20  are  all  insoluble  in 
concentrated  hydroxide  solutions.  (Mn02  is  not  included  in  this  list; 
its  classification  is  subject  to  question  because  of  its  extreme  insolu- 
bility in  both  concentrated  acids  and  bases.) 

Acidic  Oxides 

An  oxide  can  be  classified  as  acidic:  (1)  if  when  treated  with  water 
it  dissolves  significantly  and  gives  an  acid  solution  (in  other  words, 
if  it  reacts  with  water  to  give  a  soluble  ionized  acid) ,  or  (2)  if  the  solu- 
bility of  the  oxide  or  the  corresponding  acid  (a)  decreases  as  the  hy- 
drogen ion  concentration  of  the  saturated  solution  is  increased,  and 
(b)  increases  as  the  hydroxyl  ion  concentration  is  increased.  Typical 
oxides  of  the  first  type,  which  are  the  most  acidic,  are  S02,  S03,  CrOs, 
Mn207,  and  As205.  Acidic  oxides  of  the  second  type  are  Si02,  Sn02, 
and  Sb205.  These  latter  oxides  are  all  relatively  insoluble  in  concen- 
trated, noncomplex  forming  acids,  but  are  dissolved  by  concentrated 
hydroxide  solutions.  Anhydrous  or  ignited  Si02  and  Sn02  are  extremely 
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resistant,  but  when  freshly  precipitated  they  behave  as  acidic  oxides. 
When  discussing  the  solubility  of  these  oxides  in  acids  reference  is 
made  to  the  hydrogen  ion  effect  only.  Thus  both  hydrous  silicon  dioxide 
and  hydrous  tin  dioxide  (the  so-called  silicic  and  metastannic  acids) 
are  quantitatively  precipitated  by  fuming  perchloric  acid  but  both 
are  dissolved  by  hydrofluoric  acid  (a  much  weaker  acid)  because  of 
the  formation  of  the  complex  ions  SiF6=  and  SnF6=.  Hydrous  Si02  is 
insoluble  in  hydrochloric  acid  but  hydrous  Sn02  is  dissolved  because 
the  hexachlorostannate  ion,  SnCl6=,  is  formed. 

Amphoteric  Oxides 

The  oxide  of  an  element,  and  the  corresponding  hydroxide  or  acid, 
can  be  classified  as  amphoteric  if  its  solubility  in  water  can  be  in- 
creased both  by  increasing  the  hydrogen  ion  concentration  and  by 
increasing  the  hydroxyl  ion  concentration  of  the  saturated  solution. 
This  effect  has  been  mentioned  above  in  connection  with  tellurium 
and  beryllium  oxides.  Amphoteric  oxides  and  their  hydration  products 
are  usually  relatively  insoluble  because  of  their  intermediate  nature. 
Their  bonds  are  not  sufficiently  ionic  to  give  rise  to  ionizable  cations 
and  hydroxyl  ions,  nor  does  the  central  atom  attract  water  electron 
pairs  sufficiently  strongly  to  cause  ionization  of  a  proton.  On  the  other 
hand,  the  bond  has  sufficient  ionic  character  so  that  hydroxyl  ions 
can  be  removed  by  a  high  concentration  of  hydrogen  ions,  and  in  a 
high  concentration  of  hydroxide  ion  the  central  atom  will  attract  the 
electron  pairs  of  an  oxygen  atom  to  form  a  hydroxyl  complex  anion. 

Thus  zinc  oxide,  which  hydrates  to  give  zinc  hydroxide,  behaves  as 
an  amphoteric  oxide.  This  behavior  can  be  illustrated  by  the  following 
equations  which  show  that  the  addition  of  either  acid  or  base  to  a 
saturated  solution  of  the  hydroxide  will  increase  its  solubility: 

Zn(OH)2(s)  +  H+  =  Zn(OH)+  +  H20 

Zn(OH)2(s)  +  OH-  =  Zn(OH)3- 

In  many  cases  the  energy  of  hydration  of  amphoteric  oxides,  that 
is,  their  tendency  to  form  stable  bonds  with  water  molecules,  is  so 
small  that  it  is  difficult  to  assign  a  definite  formula  to  the  precipitates 
obtained  from  aqueous  solutions.  A  precipitate  which  conforms  to  a 
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formula  MpO„  can  be  designated  an  oxide;  one  which  is  predominantly 
basic  and  conforms  to  a  formula  Mr(OH)s  can  be  designated  a  hy- 
droxide. Precipitates  such  as  the  so-called  aluminum  and  chromium 
hydroxides,  which  contain  varying  quantities  of  water  when  precipi- 
tated, and  which  lose  their  water  on  heating  without  giving  evidence 
of  a  stable  hydrate  or  hydroxide,  are  more  properly  called  hydrous 
oxides.  However,  the  term  hydroxide  is  so  generally  applied  to  such 
precipitates  that  it  will  be  used  except  when  it  is  advantageous  to 
indicate  the  uncertain  composition  of  the  product. 

We  may  expect  that  there  should  be  some  correlation  between  the 
metalloid  elements  that  are  intermediate  in  character  between  typical 
metals  and  typical  nonmetals,  and  those  elements  forming  amphoteric 
oxides.  On  looking  for  this  relationship  we  must  avoid  being  misled 
or  confused  by  the  effect  of  oxidation  state  on  the  acidic-basic  prop- 
erties of  an  oxide. 

Typical  amphoteric  oxides  are  BeO,  A1203,  ZnO,  Ga203,  Ge02,  SnO, 
and  PbO.  The  elements  involved,  like  the  metalloid  elements,  appear 
in  a  rough  diagonal  from  the  left  to  the  right  of  the  periodic  table. 
The  effect  of  oxidation  state  is  illustrated  by  the  oxides  of  chromium 
and  manganese.  Chromous  oxide,  CrO,  is  a  basic  oxide;  chromic  oxide, 
Cr203,  is  amphoteric,  while  chromium  trioxide,  Cr03,  hydrates  to  form 
chromic  acid,  H2Cr04;  two  H2Cr04  molecules  dirnerize  to  give  H2Cr207. 
As  stated  previously,  MnO  is  a  basic  oxide;  Mn03  and  Mn207,  while 
unstable,  can  be  considered  to  be  the  anhydrides  of  the  strong  manganic 
and  permanganic  acids,  H2Mn04  and  HMn04. 

In  summary,  we  have  seen  that  the  elements  can  be  classified  as 
metals,  nonmetals,  and  metalloids.  The  properties  characteristic  of 
metals  can  be  attributed  to  the  presence  of  relatively  loosely  bound 
electrons,  and  the  elements  on  the  left  side  of  the  periodic  table  are 
most  characteristically  metallic  because  of  the  ease  with  which  they 
lose  electrons  and  assume  a  stable  octet  configuration.  The  elements 
to  the  right  tend  to  acquire  electrons  in  order  to  attain  the  same  elec- 
tronic configuration,  and  this  leads  to  electron  sharing  by  means  of 
electron  pair  bonds.  The  nonmetals  thus  tend  to  exist  in  the  elemen- 
tary state  as  relatively  nonconducting  molecules.  The  metalloids  are 
intermediate  in  character  and  are  found  in  a  diagonal  region  extending 


112  (CHAP.    6)     PERIODIC    PROPERTIES    OF    THE    ELEMENTS 

from  boron  at  the  top  of  column  Ilia  down  to  bismuth  in  column  Va. 
The  ease  with  which  the  elements  in  columns  la  and  Ila  lose  elec- 
trons and  the  strong  tendency  of  those  in  columns  Via  and  Vila  to 
gain  electrons  cause  the  compounds  formed  between  elements  of  these 
columns  to  be  predominantly  ionic  in  character  and  to  exist  in  the 
crystal  primarily  as  cations  and  anions  held  together  by  electrostatic 
forces.  The  bonds  in  compounds  formed  between  the  elements  of 
columns  Via  and  Vila  are  predominantly  covalent  (electron-pair) 
bonds.  The  oxides  of  the  predominantly  metallic  elements  will  be  pre- 
dominantly ionic  in  character  and  when  treated  with  water  will  dis- 
solve to  give  the  metal  cation  and  hydroxide  ion;  the  resulting  hydrox- 
ides are  stable  and  highly  ionized.  The  oxides  of  the  predominantly 
nonmetallic  elements  contain  covalent  bonds  and,  in  general,  the  non- 
metallic  elements  will  have  such  an  attraction  for  electrons  that  when 
dissolved  in  water  the  hydrogen-oxygen  bond  will  be  weakened  and 
an  acid  will  be  formed.  The  greater  the  oxidation  number  of  the  central 
element  the  greater  this  electronic  attraction,  the  weaker  the  hydrogen- 
oxygen  bond,  and  the  more  highly  ionized  will  be  the  resulting  acid. 
The  oxides  of  the  elements  toward  the  center  of  the  periodic  table  will 
tend  to  be  intermediate  in  character  and  their  energies  of  hydration 
will  be  low.  The  lower  oxidation  state  oxides  of  the  more  metallic  of 
these  elements  will  tend  to  be  relatively  insoluble,  while  the  oxides  of 
the  metalloids  will  tend  to  be  amphoteric  or  weakly  acidic;  the  oxides 
of  the  highest  oxidation  states  will  tend  to  be  acidic. 


Major  Separations  of  This  System 

This  system  of  analysis  takes  advantage  of  the  differences  in  the 
behavior  of  acidic,  basic,  and  amphoteric  oxides  to  separate  most  of 
the  elements  of  this  system  into  three  major  groups.  The  first  step  in 
this  system  involves  a  fusion  of  the  sample  with  an  excess  of  sodium 
hydroxide  to  which  sodium  nitrate  and  sodium  carbonate  are  added. 
The  resulting  fusion  mass,  after  being  cooled,  is  treated  with  water 
and  the  insoluble  residue  is  separated  from  the  solution. 

Molten  sodium  hydroxide  provides  a  solvent  with  a  very  high  con- 
centration and  activity  of  hydroxide  ion.  Under  these  conditions  the 
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basic  elements  of  the  sample  are  converted  into  their  oxides  or  hydrox- 
ides; the  amphoteric  elements  are  converted  into  complex  hydroxy- 
anions;  and  the  acidic  elements  are  converted  into  sodium  salts  of  the 
corresponding  acids.  (The  formulas  of  the  resulting  compounds  are 
shown  in  Tabular  Outline  1,  page  190.)  The  sodium  nitrate  is  added  to 
provide  an  oxidizing  agent  which  will  convert  each  element  into  a 
single  specific  oxidation  state.  If  this  were  not  done  the  behavior  of 
an  element  in  the  fusion  and  the  subsequent  treatment  with  water 
would  depend  upon  its  oxidation  state  or  states  in  the  original  sample. 
The  hydroxides  of  the  Alkaline  Earth  Group  elements  below  mag- 
nesium are  relatively  soluble;  therefore  the  sodium  carbonate  is  added 
to  cause  the  precipitation  of  these  elements. 

As  a  result  of  the  fusion  and  the  subsequent  treatment  with  water 
a  separation  of  the  elements  into  two  main  groups  is  obtained.  First, 
those  elements  which  are  so  basic  in  nature  that  their  oxides  and  car- 
bonates are  insoluble  in  a  concentrated  sodium  hydroxide  solution 
are  precipitated,  and  they  comprise  the  Basic  Element  Group.  The  pre- 
cipitated compounds  are  Fe203,  Mn02,  Ti02,  BaC03,  CaC03,  Mg(OH)2 
and  MgC03,  Ag20,  CuO,  and  NiO;  note  that  the  elements  included 
are  all  metallic.  The  hydroxides  and  carbonates  of  the  alkali  metals 
are  soluble;  for  this  reason,  and  because  large  quantities  of  sodium  ion 
are  used  in  the  fusion,  separate  samples  are  used  for  the  analysis  for 
sodium  and  potassium.  These  elements  constitute  a  minor  group  called 
the  Soluble  Basic  Element  Group. 

The  strongly  alkaline  solution  contains  the  amphoteric  elements  as 
complex  hydroxy-anions  and  the  acidic  elements  as  oxygen  anions  or 
as  simple  anions  in  the  case  of  the  halogens.  This  solution  is  divided 
equally  and  one  portion  analyzed  for  the  predominantly  amphoteric 
elements;  these  elements  are  called  the  Amphoteric  Element  Group. 
The  other  portion  is  analyzed  for  the  predominantly  acidic  elements, 
and  these  are  called  the  Acidic  Element  Group.  The  compounds  com- 
posing these  groups  ar:  shown  in  Tabular  Outline  2,  page  198. 

A  separation  of  the  amphoteric  from  the  acidic  elements  could  be 
made  by  neutralizing  the  solution  and  removing  the  resulting  precipi- 
tate of  insoluble  hydrous  oxides.  This  precipitate  would  include  the 
amphoteric  hydrous  oxides  of  Pb(II),  Sn(IV),  Al(III),  and  Zn(II), 
together  with  that  of  Si (IV)  and  the  small  quantity  of  Cu(II)  which 
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is  dissolved.  This  separation  is  not  used  with  the  portion  analyzed 
for  the  amphoteric  elements  because  it  is  simpler  to  divide  the  solution 
and  analyze  one  portion  for  the  predominantly  amphoteric  elements  in 
the  presence  of  the  acidic  elements.  The  analysis  for  As(V),  Cr(VI), 
and  V(V)  is  made  with  this  portion,  although  these  elements  must  be 
provided  for  in  the  portion  analyzed  for  the  acidic  elements. 

The  amphoteric  elements  would  interfere  in  the  analysis  of  the  other 
portion  for  the  acidic  elements;  therefore,  they  are  precipitated  as 
hydrous  oxides  together  with  silicon  as  the  first  step  in  the  analysis 
for  the  acidic  elements.  The  chemistry  of  this  separation  is  shown  in 
Tabular  Outline  16,  page  348. 

Thus  it  is  seen  that  the  elements  of  the  Basic  Group  are  predom- 
inantly metallic  in  the  elementary  state  and  form  predominantly  ionic 
and  basic  oxides.  The  elements  of  the  Acidic  Group  are  predominantly 
nonmetallic  and  form  covalently  bonded,  acidic  oxides.  The  elements 
of  the  Amphoteric  Group  are  intermediate  in  character  and  their 
oxides,  although  their  behavior  is  influenced  by  oxidation  state,  are 
usually  insoluble  and  amphoteric  in  character. 


Separation  of  the  Alkaline  Earth  Group 

Another  example  of  the  correlation  of  the  properties  of  the  elements 
with  their  position  in  the  periodic  table  is  given  by  the  separation  of 
this  group.  The  differences  in  the  behavior  of  the  elements  of  the 
Alkaline  Earth  Group  (barium,  calcium,  and  magnesium)  and  the 
elements  of  the  Metal  Ammine  Group  (silver,  copper,  and  nickel) 
towards  ammonia  can  be  explained  by  reference  to  the  electronic 
structure  of  the  ions  involved.  The  dipositive  ions  of  the  Alkaline 
Earth  Group  elements  (and  of  the  other  members  of  the  second  col- 
umn of  the  periodic  table)  have  the  stable  electronic  configuration  of 
the  nearest  inert  gas;  consequently  they  show  relatively  little  tendency 
to  form  covalent  bonds  with  electron-pair  donating  agents,  or  ligands, 
such  as  ammonia. 

Conversely,  the  elements  of  the  Metal  Ammine  Group  are  all  clas- 
sified as  transition  elements;  this  means  that  they  contain  electrons 
in  an  inner  shell  which  can  be  lost  to  form  ions  or  used  to  form  co- 
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valent  bonds.  The  ions  of  these  elements  do  not  have  noble  gas  elec- 
tronic configurations  and  are  conspicuous  for  their  ability  to  form  a 
wide  variety  of  complex  ions  with  electron-pair  donating  agents.  As  is 
suggested  by  the  name,  the  ions  of  the  elements  of  the  Metal  Ammine 
Group  form  stable  complex  cations  with  the  ammonia  molecule.  It  is 
interesting  to  note  that  the  Metal  Ammine  Group  elements  occupy 
adjoining  positions  in  the  periodic  table;  in  addition,  their  neighbors 
cobalt,  zinc,  and  cadmium  form  similar  complex  cations. 

Typical  examples  of  ammine  complex  cations  are  Ag(NH3)2+, 
Cu(NH3)2+,  Ni(NH3)4++,  Cu(NH3)4++,  Zn(NH3)4++,  Cd(NH3)4++, 
Co(NH3)4++,  and  Co(NH3)6+  ++.  In  all  cases  these  ammine  cations  are 
formed  stepwise  by  successive  replacement  of  water  of  hydration  by 
ammonia  molecules.  The  number  of  ammonia  molecules  around  a 
given  element  will,  therefore,  be  determined  by  the  molar  concentra- 
tion of  the  ammonia;  frequently  the  stability  of  successive  complexes 
is  such  that  two  species,  say,  Ni(NH3)3(H20)++  and  Ni(NH3)4++,  can 
be  present  in  significant  concentrations  at  equilibrium. 
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1.  What  are  the  predominant  characteristics  of  metallic  elements?  Non- 
metallic  elements?  Metalloid  elements? 

2.  Write  the  electronic  structures  of  lithium,  magnesium,  fluorine,  sulfur, 
cesium,  iodine,  silicon,  arsenic,  and  barium  atoms.  (Consult  your  general 
chemistry  text  if  necessary.)  Classify  these  elements  as  metallic,  metalloid, 
nonmetallic.  What  features  are  common  to  the  electronic  structures  of  each 
class? 

3.  Classify  the  following  as  metallic,  nonmetallic,  or  metalloid:  Sc,  Ta, 
Rh,  Ga,  Fo,  Te,  At,  Hf,  Eu,  Tl.  Is  the  decision  always  clear-cut?  Why? 

4.  State  whether  the  bonds  in  each  of  the  following  elements  or  compounds 
are  predominantly  covalent,  predominantly  ionic,  or  intermediate  in  char- 
acter: (a)  I2,  (b)  SnCl2,  (c)  Mgl2,  (d)  MgCl2,  (e)  MgF,,  (/)  K2S. 

5.  Write  equations  for  the  reactions  taking  place  when  Rb20  and  BaO 
dissolve  in  water.  (Note  that  predominantly  ionic  soluble  oxides  of  this  type 
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are  restricted  to  elements  of  columns  I  and  II.)  What  is  the  effect  on  the 
pll  of  the  solution? 

6.  Write  equations  for  the  reactions  taking  place  when  SO2,  P2O5  (properly 
P4O10),  and  CI2O7  dissolve  in  water.  What  is  the  effect  on  the  pU  of  the  solu- 
tion? To  what  region  of  the  periodic  table  are  elements  whose  oxides  behave 
in  this  manner  restricted? 

7.  Write  equations  for  the  reactions  taking  place  when  Cr03  and  Mn207 
dissolve  in  water.  Since  chromium  and  manganese  are  classified  as  metals, 
explain  why  these  oxides  are  acidic  in  character.  What  is  the  electronic  struc- 
ture of  these  elements?  What  is  meant  by  the  "transition  elements"? 

8.  What  differences  or  similarities  exist  among  covalent  and  ionic  oxides, 
metallic  and  nonmetallic  oxides,  and  acidic  and  basic  oxides?  Give  reasons 
for  the  existence  of  these  relationships. 

9.  State  clearly  the  effect  of  the  oxidation  state  and  of  the  atomic  size  of 
an  element  upon  the  properties  of  its  oxides.  Give  examples. 

10.  Correlate  the  separation  of  the  Basic  Element  Group  from  the  Ampho- 
teric and  Acidic  Element  Groups  with  the  properties  of  the  elements  involved. 

11.  In  which  of  the  groups  of  this  system  of  analysis — the  Basic  Element 
Group,  the  Soluble  Basic  Element  Group,  the  Amphoteric  Element  Group, 
or  the  Acidic  Element  Group — will  you  expect  to  find  each  of  the  elements 
listed  below?  Base  your  prediction  on  the  position  of  each  element  in  the 
periodic  table:  («)  gallium,  (6)  mercury,  (c)  gold,  {d)  cadmium,  (e)  palladium, 
(/)  cobalt,  (g)  molybdenum,  (h)  zirconium,  (i)  scandium,  (j)  cesium,  (k)  stron- 
tium, (/)  selenium.  Explain  your  reasoning  in  each  case. 


Section  11 


Techniques  of 
Analytical  Chemistry 


Preliminary  Laboratory  Instructions 


1.  Instructions  Regarding  Equipment 

Obtain  an  apparatus  list  and  check  the  items  in  your  desk  against 
this  list.  Report  any  missing,  defective,  or  dirty  equipment  to  your 
instructor.  Sign  the  list  when  your  equipment  is  complete  and  give 
it  to  the  instructor. 

Obtain  a  laboratory  apron  and  wear  it  whenever  you  are  working. 
You  and  your  neighbors  will  be  repeatedly  pouring,  shaking,  and 
heating  solutions.  Accidents  are  inevitable.  Many  of  these  solutions 
are  so  corrosive  or  stain-producing  that  a  few  drops  are  adequate  to 
ruin  your  clothing. 

Eyeglasses,  prescription  or  safety  type,  are  a  very  desirable  protec- 
tion when  in  a  chemical  laboratory.  In  many  laboratories  their  use  is 
required  at  all  times.  Consult  your  instructor  regarding  their  use. 

Obtain  a  bound  notebook.  Consult  your  instructor  as  to  type  and 
size. 
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2.  Instructions  Regarding  the  Notebook 

Your  notebook  should  provide  a  complete  and  permanent  record  of 
exactly  what  you  have  done  and  the  results  obtained.  No  system  of 
qualitative  analysis  is  perfect,  nor  is  it  likely  that  many  analyses  are 
carried  out  perfectly.  As  a  result,  you  may  frequently  obtain  anomalous 
results.  If  you  have  kept  a  complete  record  of  your  operations  in  your 
notebook  there  is  a  good  chance  that  either  you  or  your  instructor 
can  interpret  such  anomalies  so  that  you  can  salvage  the  work  and 
time  already  expended.  Your  notebook  record  will  at  least  help  you 
to  avoid  a  subsequent  occurrence  of  the  same  kind.  These  considera- 
tions apply  to  any  research,  experimental,  or  developmental  work 
which  you  may  do  in  future  laboratory  courses  or  in  your  subsequent 
career. 

Observe  the  following  rules  in  regard  to  the  notebook. 

(a)  Use  a  permanently  bound  notebook.  Never  tear  a  sheet  from 
the  book.  If  an  experiment  fails  or  an  accident  happens,  note 
that  fact. 

(b)  Record  in  ink  (ball  point  pens  may  be  used)  all  data  and  ob- 
servations as  soon  as  possible.  Your  memory  is  uncertain  and 
tricky.  Do  not  use  loose  scraps  of  paper;  they  may  be  lost  or  errors 
made  in  transcribing  to  the  notebook. 

(c)  Begin  each  new  experiment  on  a  separate  page  and  give  it  a 
descriptive  title. 

(d)  Record  the  data  of  all  experiments. 

(e)  Make  your  record  complete.  After  giving  a  descriptive  title, 
state  your  laboratory  procedure  concisely  but  with  sufficient  detail 
that  your  instructor  or  any  one  else  can  visualize  the  course  of  the 
experiment.  Your  instructor  can  explain  anomalous  results  only 
if  such  a  record  is  available.  There  is  shown  below  an  example  of 
a  three-column  form  which  is  recommended  for  use  with  this 
system  of  analysis.  To  avoid  crowding,  it  can  be  spread  across 
both  pages  of  the  notebook. 
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Oct.  6,  1961 
Analysis  of  the  Titanium  Group 


Procedure 

P.  12  Dissolving  Ti  Gr  Ppt. 
TiGrPpt: 

+  4  ml  9  F  H2S04 


+  3gNa2SO410H2O 

Heated 

+  6  F  KN02,  1  drop 


Observations 
dark  brown 


Conclusions,  equations,  etc. 


Mn  and/or  Fe  probably  pres- 
ent. 
Ppt.  partly  dissolved,       Fe  and  Mn  probably  present 
residue  black,  sol'n  Fe(OH)3(»  +  2H+  +  HSOr 

colorless  =  FeS04+  +  3H20 

No  effect 

No  effect 

Dark  residue  dissolved       MnO20)  +  NOr  +  2H+ 

=  Mn++  +  N03-  +  H20 


3.  Instructions  Regarding  Study  Methods 

In  the  system  of  analysis  given  in  Section  III  you  will  find  a  Tabular 
Outline  and  a  Flow  Sheet  preceding  each  section  for  the  analysis  of  a 
group  of  elements.  The  Tabular  Outlines  show  the  chemical  changes 
taking  place  in  each  step  or  procedure.  The  Flow  Sheets  show  the 
sequence  of  operations.  The  section  for  each  group  is  divided  into 
operational  units  designated  as  Procedures.  Each  Procedure  consists, 
first,  of  the  Discussion  which  treats  the  principles  and  the  chemistry 
of  the  reactions  involved;  second,  the  Instructions  which  contain  the 
actual  laboratory  directions;  and,  third,  the  Notes.  The  Notes  ex- 
plain details  of  techniques  and  of  special  situations  which  may  arise; 
they  also  aid  in  the  interpretation  of  the  experimental  observations. 

Before  coming  to  the  laboratory  study  the  Tabular  Outlines  covering 
the  Procedures  which  you  will  have  to  perform.  These  Tabular  Out- 
lines show  the  chemistry  of  the  Procedures  and  they  should  be  studied 
until  their  essential  features  can  be  reproduced  from  memory  and  until 
you  can  formulate  equations  for  the  essential  reactions  of  each  Pro- 
cedure. Then  read  over  the  Discussions  of  each  of  the  Procedures. 
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Where  illustrative  calculations  are  given  be  sure  you  can  understand 
the  principles  and  can  repeat  the  calculations. 

In  the  laboratory  read  over  the  Instructions  and  Notes  of  a  Procedure 
before  beginning  work  and  be  sure  that  the  purpose  of  each  step  is 
thoroughly  understood.  If  in  doubt,  consult  your  instructor.  Be  sure 
that  all  required  equipment  and  reagents  are  available  before  you 
begin  the  laboratory  work  of  the  Procedure. 

If  time  is  available  while  in  the  laboratory  write  in  your  notebook 
equations  for  all  essential  reactions;  otherwise  write  them  as  soon  as 
possible  thereafter.  Where  a  reaction  occurs  repeatedly  the  equation 
need  not  be  repeated. 

Finally,  review  the  principles  involved  in  the  Procedures  which 
have  been  completed.  Answer  any  questions  which  have  been  assigned 
and  work  any  assigned  problems.  Where  mass-action  principles  have 
been  used  in  the  Discussions  to  arrive  at  proper  concentration  values 
or  other  conditions,  be  sure  that  you  can  independently  repeat  the 
calculations  or  arguments  involved. 
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Construction  of  Useful  Glass  Equipment 

A  supply  of  simple  glass  equipment  such  as  stirring  rods  of  various 
sizes  and  types,  droppers,  and  wash  bottles  should  be  constructed 
before  beginning  any  analyses.  Construction  of  glass  equipment  re- 
quires that  the  glass  be  raised  to  a  temperature  at  which  it  becomes 
soft  enough  to  be  bent  or  otherwise  formed  into  the  desired  shape. 
The  equipment  described  below  can  be  made  from  "soft  glass"  (a  glass 
which  softens  at  a  low  temperature),  and  a  simple  laboratory  gas 
burner  is  used  for  obtaining  the  desired  temperature.  Since  gas  burners 
are  used  continuously  in  analytical  work,  and  since  they  are  frequently 
used  improperly,  instructions  regarding  their  operation  are  given 
below. 


1.  Instructions  for  Using  the  Gas  Burner 

A  gas  burner  is  an  instrument  for  producing  heat  by  means  of  an 
oxidation-reduction  reaction.  The  gas  contains  various  reducing  agents 
such  as  hydrocarbons,  carbon  monoxide,  and  hydrogen.  The  oxygen 
of  the  air  is  the  oxidizing  agent.  The  products  are  carbon  dioxide  and 
water;  the  reactions  are  exothermic,  that  is,  heat  is  evolved.  When 
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higher  temperatures  are  needed,  as  when  working  with  Pyrex  glass, 
the  air  is  replaced  by  pure  oxygen.  This  increases  the  concentration 
of  one  of  the  reactants  and  eliminates  the  cooling  effects  of  the  inert 
nitrogen  in  the  air. 


BUNSEN  TYPE    I  g 


TIRftlU.  TYPE 


Figure  3.     Gas  burners. 


The  simple  Bunsen  burner  is  shown  in  Fig.  3  together  with  the  mod- 
ification known  as  the  Tirrill  burner.  With  the  simple  Bunsen  type  the 
gas  supply  and  therefore  the  height  of  the  flame  is  controlled  by  the 
stopcock  on  the  gas  line.  The  Tirrill  type  should  be  operated  with  the 
line  stopcock  fully  opened  and  the  gas  supply  controlled  by  the  needle 
valve  in  the  base. 

The  air  supply  is  controlled  on  the  Bunsen  by  the  rotating  sleeve 
just  above  the  base,  on  the  Tirrill  type  by  rotating  the  upper  portion 
of  the  burner. 

Always  use  as  small  a  flame  as  will  accomplish  your  purpose.  For 
most  purposes  use  an  oxidizing  flame;  that  is,  one  in  which  there  is  a 
slight  excess  of  air  and  therefore  of  oxygen.  Such  a  flame  has  a  very 
pale  bluish  inner  cone  with  a  violet  color  at  the  tip  as  shown  in  Fig.  ^. 
A  reducing  flame  has  an  excess  of  gas  and  has  a  yellow  color;  such  a 
flame  will  coat  a  cold  surface  with  a  dark  layer  of  carbon  particles. 

Check  to  see  that  your  burner  is  clean  and  that  the  gas  and  air 
controls  work  freely. 
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Close  the  air  valve  and  attach  the  burner  to  the  gas  line  outlet. 
If  you  have  a  Tirrill  burner,  close  the  gas  valve  in  the  base  and 
turn  the  line  valve  on  full. 

Hold  a  lighted  match  at  the  top  of  the  burner  and  open  the 
gas  valve  until  a  5-8  cm  flame 
is  obtained.  Note  the  yellow 
color.  Gradually  open  the  air 
valve  until  the  yellow  color 
disappears  and  you  have  a 
quiet-burning  flame  composed 
of  a  pale  bluish  inner  (reduc- 
ing) cone  and  an  outer  region 
of  pale  violet.  This  is  the 
proper  flame  for  most  pur- 
poses. 

Gradually  open  the  air 
valve  and  note  that  the  flame 
becomes  noisy,  then  separates 
from  the  top  of  the  burner, 
and  finally  blows  out.  Close 
the  air  valve  and  relight  the 
burner. 

Occasionally  an  improp- 
erly adjusted  burner  "strikes 
back";  that  is,  the  gas  ignites 
and  burns  at  the  base.  This 
becomes  obvious  by  a  hissing 
noise  and  at  times  by  a  thin 
yellow  flame  issuing  from  the 
top.  When  this  occurs  turn 
off  the  gas   at  the  gas  line 

stopcock — the  burner  may  have  become  hot  enough  to  burn  your 
fingers.  When  the  burner  is  cool,  relight  it  as  directed  above  and 
again  adjust  the  flame. 


Figure  4.     Gas  burner  with  properly  ad- 
justed flame. 


When  you  have  finished  with  the  burner,  turn  it  off  at  the  gas  line 
stopcock.  Rubber  hoses  deteriorate  and  gas  leaks  can  be  dangerous ! 
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2.  Instructions  for  Making  Stirring  Rods 

Stirring  rods  are  needed  for  stirring  solutions,  they  are  used  when 
transferring  solutions  or  precipitates,  and  when  washing  precipitates 
or  treating  them  with  solvents. 

Obtain  60  cm  of  4  mm  soft  glass  rod.  Cut  the  rod  into  four  15  cm 
lengths  as  directed  below. 

(a)  Cutting  Glass  Rod  (or  Tubing).  Hold  the  rod  as  shown  in 
Fig.  5-A  and  by  means  of  a  short  triangular  file  draw  a  'perpendic- 
ular scratch  at  the  desired  place. 

Grasp  the  rod  with  both  hands  as  shown  in  Fig.  5-B;  turn  the 
thumbs  inward  and  place  them  on  the  opposite  side  from  the 
scratch;  hold  the  elbows  outward  and  the  forearms  horizontally 
and  in  toward  the  chest. 

Pull  outward  with  the  hands  and  simultaneously  apply  pressure 
with  the  thumbs. 

The  rod  or  tubing  should  break  smoothly.  Should  protruding 
glass  splinters  remain,  stroke  them  against  a  square  of  wire  gauze 
as  shown  in  Fig.  5-C.  Fire-polish  two  of  the  rods  as  instructed 
below. 

(b)  Fire-Polishing  Glass  Rod  (or  Tubing).  Grasp  the  rod  between 
the  thumb  and  forefinger  as  shown  in  Fig.  6.  Incline  the  rod  and 
rotate  it  between  the  thumb  and  finger  with  the  upper  end  being- 
supported  and  held  by  the  little  finger.  Practice  this  operation 
until  you  can  continuously  rotate  in  one  direction.  Slowly  intro- 
duce the  end  of  the  rod  into  the  hottest  part  of  the  flame — just 
above  the  inner  cone.  Continue  to  rotate  the  rod  in  this  position 
until  the  end  has  rounded  and  enlarged  slightly.  Withdraw  the 
rod  from  the  flame  and  hold  it  vertically  with  the  polished  end 
downward  until  the  glass  becomes  firm — otherwise  the  end  of  the 
rod  may  sag  to  one  side. 

Rotation  of  the  piece  being  heated  is  essential  in  glass-working. 
It  assures  even  heating  and  prevents  distortion  and  sagging  of  the 
glass.  With  practice  you  can  learn  to  rotate  the  glass  continuously 
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Figure  5.     Cutting  glass  rod  or  tubing. 
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Figure  6.     Rotating  and  fire-polishing  glass  rod  or  tubing. 

and  evenly  in  one  direction  while  maintaining  it  in  a  fixed  position 
in  the  flame. 

(c)  Making  Stirring  Rods  with  Shaped  Ends.  Proceed  with  the 
two  remaining  rods  as  follows:  Have  available  a  pair  of  metal 
tongs  and  a  small  block  of  clean  metal  or  of  "transite"  with  a 
clean  surface. 

Proceed  as  with  the  fire-polishing,  but  hold  the  rod  in  the  left 
hand  and  continue  heating  until  the  end  of  the  rod  has  enlarged 
in  size  by  about  30-50%.  Warm  the  tips  of  the  tongs  in  the  flame 
and  compress  the  enlarged  portion  to  the  shape  shown  in  Fig.  7. 
Reheat  until  any  cracks  or  irregularities  are  eliminated.  As  an 
alternative  procedure  the  enlarged  end  can  be  placed  on  the 
metal  or  transite  surface  and  pressed  into  shape  by  means  of  a 
second  block  of  the  material. 

Similarly  heat  the  opposite  end  of  the  rod  and,  while  holding 
the  rod  vertically,  momentarily  heat  the  transite  or  metal  surface. 
Quickly  press  the  hot  rod-end  against  the  surface  until  the  shape 
shown  in  Fig.  7  is  obtained. 
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Figure  7.     Stirring  rods. 

Solutions  in  test  tubes  are  effectively  stirred  by  rapid  rotation 
of  a  paddle-shaped  rod.  The  flat  end  of  the  rod  is  useful  for  break- 
ing up  solids  which  are  being  dissolved. 


3.  Instructions  for  Making  Droppers 

Droppers,  frequently  termed  "medicine  droppers,"  are  actually 
small  pipets  with  attached  rubber  bulbs.  They  are  extensively  used 
for  adding  reagents  dropwise,  for  adding  measured  small  volumes  of 
reagents,  for  washing  precipitates,  and  for  removing  solutions  from 
centrifuged  precipitates. 

The  glass  tubing  of  a  dropper  should  be  of  such  bore  that  the  rubber 
bulb  fits  firmly;  the  tubing  should  be  of  such  length  that  solution  can- 
not be  drawn  up  into  the  bulb.  When  this  happens  contamination  of 
the  reagent  is  almost  inevitable.  In  order  to  avoid  such  contamination 
a  dropper  containing  a  solution  should  never  be  inverted  or  left  in  such 
a  position  that  the  solution  enters  the  bulb. 

Droppers  which  are  to  be  used  for  removing  a  centrifugate  (the 
supernatant  solution)  should  have  a  capillary  tip  and  be  of  adequate 
length  to  reach  to  the  bottom  of  the  centrifuge  or  test  tube. 

At  least  two  droppers  (preferably  four) ,  should  be  available. 

Cut  a  30-35  cm  length  of  6  mm  OD  (outside  diameter)  glass 
tubing.  Rotate  the  tubing  and,  holding  it  horizontally,  heat  the 
center  portion  until  the  wall  shrinks  and  thickens  to  almost  twice 
its  normal  thickness  (see  Fig.  8).  Rotate  with  both  hands  simul- 
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taneously  (not  alternately)  and  take  care  not  to  pull  outward 
during  this  period.  Support  the  tubing  with  the  little  fingers  and 
use  the  thumbs  and  forefingers  for  obtaining  rotation. 


Figure  8.     Rotating  and  heating  a  glass  tube  prior  to  drawing  a  dropper  tip. 


Remove  the  tubing  from  the  flame,  hold  it  vertically  for  a  few 
seconds,  then  pull  firmly  and  steadily  downward  on  the  lower  end 
until  the  center  portion  has  been  reduced  to  about  1  mm  in  internal 
diameter;  hold  in  a  vertical  position  until  the  glass  becomes  firm. 

Better  control  of  the  capillary  portion  is  attained  by  allowing 
the  glass  to  cool  for  a  few  seconds  so  that  a  firm  pull  is  required. 
A  straighter  capillary  portion  is  obtained  by  holding  the  tube 
vertically.  If  the  pull  is  made  too  rapidly  a  thin- wall  capillary  will 
result. 

Allow  the  tube  to  cool,  then  cut  the  capillary  to  the  desired 
length  and  fire-polish  it.  For  most  purposes  a  short  stout  tip  is 
satisfactory  and  is  less  likely  to  be  broken.  A  long  capillary  is 
useful  for  removing  small  volumes  of  solution  from  a  centrifuged 
precipitate  (Fig.  9). 

Fire-polish  and  flare  the  large  end  of  the  dropper.  To  make  the 
flare,  rotate  the  tube  and  rest  the  inner  side  lightly  against  the 
handle  end  of  a  file  (see  Fig.  10).  First  determine  the  extent  to 
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Figure  9.     Droppers. 

which  the  end  needs  to  be  flared  in  order  to  provide  a  firm  fit 
for  the  rubber  bulbs  which  are  available. 


4.  Instructions  for  Calibrating  Droppers 

Add  water  to  a  10  ml  graduated  measuring  cylinder  or  "graduate." 
Attach  the  rubber  bulb  to  the  dropper  tube,  insert  the  tip  just  below 
the  surface  of  the  water,  and  withdraw  water  until  the  lower  meniscus 
of  the  water  in  the  graduate  is  slightly  below  any  one  of  the  ml  marks; 
raise  the  dropper  until  the  tip  is  just  above  the  water  surface.  Now 
slowly  add  water  until  the  lower  meniscus  just  touches  the  ml  mark; 
a  ml  mark  is  used  because  it  extends  around  the  graduate  and  can  be 
used  to  obtain  a  perpendicular  line  of  vision.  Hold  the  graduate  so  that 
the  line  of  vision  is  perpendicular  to  the  graduate  (see  Fig.  11).  Eject 
the  water  from  the  dropper. 

Now  withdraw  slightly  more  than  0.5  ml  of  water.  Raise  the  dropper 


Figure  10.     Flaring  the  end  of  a  glass  tube. 
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and  slowly  return  water  to  the  graduate  until  the  lower  meniscus  just 
touches  the  0.5  ml  mark.  "Withdraw  the  dropper  and  by  means  of 
your  thumbnail  fix  the  position  of  the  lower  meniscus  of  the  water 
in  the  dropper  when  the  tip  is  completely  filled.  By  means  of  a  file 


^-. 


Too    M&b 


"Proper     fine 


Tat?    law 


Figure  11.     Proper  method  of  reading  a  meniscus. 


make  a  light  but  plainly  visible  scratch  perpendicular  to  the  dropper 
tube  at  this  position  of  the  meniscus. 

Similarly  withdraw  a  1  ml  portion  of  water  and  scratch  the  dropper 
tube  at  the  position  of  the  meniscus. 

Fill  the  dropper  until  the  lower  meniscus  just  touches  the  1  ml  mark. 
Hold  it  in  a  perfectly  vertical  position  and  cause  the  water  to  flow  out 
in  drops.  Count  and  record  in  your  notebook  the  number  of  drops  per 
ml  delivered  by  your  dropper. 
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Repeat  this  measurement  until  you  obtain  successive  drop  counts 
which  agree  within  1-2  drops.  The  dropper  should  deliver  from  25  to 
30  drops  per  ml  if  the  tip  is  of  proper  size.  Repeat  the  count  with  the 
dropper  held  at  a  45  degree  angle.  (This  demonstrates  the  necessity 
for  holding  the  dropper  vertically  when  you  want  to  add  known 
volumes  of  a  reagent.) 

You  now  have  a  means  of  accurately  delivering  volumes  of  reagents 
of  1  ml  or  less. 


5.  Instructions  for  Making  Wash  Bottles 

Wash  bottles  are  a  necessary  piece  of  equipment  for  the  chemist. 
They  serve  as  containers  for  distilled  water,  and  as  a  means  of  washing 
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Figure  12.     Wash  bottles. 


precipitates  and  equipment.  Figure  12  shows  a  500  ml  glass  wash 
bottle  of  conventional  design;  this  size  is  convenient  for  the  work  of 
this  text. 

If  a  larger  or  smaller  size  flask  is  provided,  it  can  be  used,  or  a  conical 
flask  can  be  substituted  for  the  flat-bottom  flask  shown.  Consult  your 
instructor. 
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If  the  bottle  is  to  be  used  with  hot  solutions  it  should  be  of  Pyrex 
glass,  and  the  neck  should  be  wrapped  with  heavy  twine,  asbestos 
sheet,  or  cord.  Also  a  rubber  mouthpiece  is  advisable  since  it  is  less 
likely  to  burn  the  mouth  and  is  more  flexible. 

Polyethylene  wash  bottles  of  250  ml  capacity  {Fig.  12)  are  extremely 
convenient  and,  if  available,  their  use  is  recommended  for  other  than 
hot  solutions. 

(a)  Assembly  of  Materials.  The  following  instructions  call  for  a 
500  ml  flat-bottom  glass  flask  as  shown  in  Fig.  13;  you  can  easily 
modify  these  directions  for  other  sizes  or  for  the  use  of  a  conical 
flask.  Assemble  the  following  items: 

1  flat-bottom  Pyrex  flask,  500  ml 

1  Rubber  stopper,  No.  5,  2  hole 

60  cm  Glass  tubing,  6  mm  OD 

8  cm  Rubber  tubing,  \"  ID,  -jV'  waM 
New  tubing  and  stoppers  are  desirable;  wash  the  stoppers  free 
of  talc  or  sulfur. 

If  only  solid  stoppers  are  available,  bore  the  holes  with  cork 
borers  of  appropriate  size.  Lubricate  the  borer  with  water  or 
preferably  glycerine;  dilute  sodium  hydroxide  can  be  used  if 
care  is  taken  not  to  spill  it  and  to  thoroughly  wash  both  the  stop- 
per and  the  borer  afterwards.  When  boring  the  hole,  support  the 
stopper  on  a  block  of  wood  in  order  to  avoid  cutting  the  desk  tops. 

(b)  Making  and  Fittitig  the  Outlet  Tube.  Measure  and  cut  a  piece 
of  the  tubing  of  proper  length  to  serve  as  the  outlet  tube  (Fig.  13) ; 
use  the  flask  in  making  this  measurement. 

Fire-polish  the  ends  of  this  tubing. 

Use  the  instructions  given  below  to  bend  one  end  of  this  tubing 
at  the  proper  position  to  form  the  upper  end  of  the  outlet  tube. 

Instructions  for  Rending  Glass  Tubing.  Obtain  and  fit  a  "wing 
top,"  shown  in  Fig.  14,  to  your  burner.  Light  the  burner  and 
adjust  the  flame  to  a  height  of  1-1  \  cm  over  the  center  of  the 
burner.  A  good  wing  top  provides  a  horizontal  flame  across  the 
entire  top. 
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Figure  13.     The  dimensions  and  construction  of  a  wash  bottle. 
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Figure  14.     Wing-top  burner  attachment. 


Rotate  the  tubing  as  directed  under  "Instructions  for  Making 
Droppers"  and  heat  the  portion  to  be  bent  in  the  flame.  The 
length  of  the  bend  is  controlled  by  the  length  of  the  heated  portion. 
When  the  tube  is  sufficiently  flexible  to  bend  slowly  of  its  own 
weight,  remove  it  from  the  flame  for  a  few  seconds,  then  bend  it, 
while  holding  it  in  a  vertical  plane,  to  the  desired  angle.  Keep  the 
bent  lengths  in  the  same  plane.  Exert  a  slight  outward  pull  as 
the  bend  is  made  in  order  to  avoid  collapsing  the  inner  wall  of 
the  bend. 

Allow  this  piece  to  cool.  (Begin  making  the  tip  meanwhile.) 

Insert  the  straight  end  of  the  tube  in  one  of  the  holes  of  the 
stopper  as  described  in  the  next  paragraph. 

Forcing  Glass  Tubing  Through  Stoppers.  Caution.  Forcing  glass 
tubing  through  stoppers  is  a  dangerous  operation.  Should  the  tube 
break,  your  hands  can  be  seriously  cut.  First,  always  wet  the  stopper 
hole  in  order  to  reduce  the  force  required  to  insert  the  stopper. 
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3'  ) 

Figure  15.     Forcing  glass  tubing  through  stoppers. 
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Second,  wrap  the  tube  with  a  folded  towel  and  grasp  it  as  close 
as  possible  to  the  end  to  be  inserted,  as  shown  in  Fig.  15.  Third, 
insert  the  tube  with  a  rotary  motion;  push  only  when  the  tube 
is  rotating  in  the  stopper.  If  excessive  force  is  required,  enlarge 
the  hole  with  a  cork  borer.  Finally,  as  soon  as  possible  wrap  and 
grasp  the  emerging  end,  then  pull  the  tube  into  the  desired  posi- 
tion with  a  rotary  motion;  continue  to  grasp  the  tube  as  closely  as 
possible  to  the  stopper. 

After  inserting  the  straight  end  in  the  stopper,  bend  the  lower 
end  to  the  angle  shown  in  Fig.  13.  Fit  the  stopper  in  the  flask 
and  note  if  the  lower  end  of  the  tube  has  the  position  shown  in 
Fig.  13.  If  necessary,  reheat  the  tube  until  the  bend  can  be 
properly  adjusted. 

(c)  MaJcing  the  Tip.  Fire-polish  one  end  of  the  remaining  piece 
of  tubing,  then  allow  it  to  cool.  (Complete  the  outlet  tube  mean- 
while.) 

Rotate  the  tubing  (as  directed  in  "Instructions  for  Making 
Droppers")  at  the  proper  length  from  the  fire-polished  end  to 
give  a  tip  of  the  length  shown  in  Fig.  13.  Then  pull  out  the  capil- 
lary tip  according  to  the  instructions  given  for  making  droppers. 
Cut  the  capillary,  then  fire-polish  the  tip  so  that  it  will  deliver 
a  fine  jet  of  water. 

Cut  a  piece  of  the  rubber  tubing  to  the  proper  length  and  use 
it  to  connect  the  tip  to  the  outlet  tube. 

The  tip  should  be  so  positioned  that  the  forefinger  of  the  hand 
holding  the  wash  bottle  can  be  used  as  shown  in  Fig.  16  to  direct 
the  jet  of  water  as  desired. 

(d)  MaJcing  the  Inlet  Tube.  Cut  away  the  capillary  portion  of 
the  tube  from  which  the  tip  has  been  drawn.  Then  cut  it  to  the 
proper  length  and  bend  it  to  form  the  inlet  tube.  Fire-polish  the 
ends. 

Allow  the  tube  to  cool  and  insert  it  in  the  stopper.  (Caution. 
Follow  the  method  described  above.) 

When  the  wash  bottle  is  used  for  hot  water  affix  a  4  cm  length 
of  rubber  tubing  to  the  outer  end  of  the  inlet  tube. 
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Figure  16.     Directing  the  stream  from  a  wash  bottle. 

The  proper  method  of  controlling  the  direction  of  the  stream 
from  a  wash  bottle  when  washing  precipitates  is  shown  in  Fig.  II). 
Pressure  bulbs  do  not  permit  flexible  control  of  the  rate  of  flow 
and  should  not  be  used.  Longer  lengths  of  tubing  used  on  the 
inlet  tube  or  for  connecting  the  tip  are  not  only  clumsy  to  use 
but  are  hazardous  to  apparatus  on  the  bench. 


6.  Instructions  for  Making  Equipment  for 
Suction  Filtration 


The  time  required  for  filtering  solutions  can  be  reduced  greatly 
by  the  proper  use  of  suction.  Directions  for  constructing  suction  filtra- 
tion equipment  are  given  below;  the  operations  involved  in  using 
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Figure  17.     Apparatus  for  suction  filtration. 


suction  filtration  with  various  types  of  filters  are  described  under 
"Analytical  Operations,"  pp.  163-172. 

(a)  Assembly  oj  Materials.   Assemble  the  following  items   (see 
Fig.  17): 

2  Glass  funnels,  40  mm  diameter,  50  mm  stem 

1  Test  tube,  22  X  160  mm 

1  Test  tube,  15  X  125  mm  (15  ml) 

1  Rubber  stopper,  No.  3,  2  hole 

1  Rubber  stopper,  No.  1,  2  hole 

1  Rubber  stopper,  No.  0,  1  hole 

1  Ring  support  stand 

1  Buret  clamp 
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2  8-cm  Pieces  glass  tubing,  5  mm  OD 
1  Suction  bulb  {one-  or  two-valve  bulbs  can  be  used;  if  only 
pressure  bulbs  are  in  stock  the  valves  can  be  reversed) 
10  cm  Rubber  tubing,  &"  X  tV' 
8  cm  Glass  rod,  4  mm 
1  Conical  flask,  50  ml 

(b)  Suction  Filtration  Tube.  Bend  both  pieces  of  the  glass  tubing 
as  shown  in  Fig.  17  and  fire-polish  the  ends  (instructions  for  cut- 
ting, polishing,  and  bending  tubing  are  given  on  pages  126 
and  134).  Fire-polish  the  ends  of  the  rod. 

Put  together  the  suction  filtration  tube  equipment  as  shown  in 
Fig.  17.  The  supporting  stopper  in  the  bottom  of  the  tube  can 
be  an  old  cork  or  rubber  stopper.  Cut  it  to  support  the  receiving 
test  tube  as  shown. 

For  most  work  the  15  X  125  mm  test  tube  is  a  convenient  re- 
ceiver for  filtrates.  When  more  than  10-12  ml  are  to  be  filtered 
remove  the  supporting  stopper  from  the  22  X  160  mm  tube,  clean 
this  tube,  and  collect  the  filtrate  directly  therein,  or  use  the  suction 
filtration  flask  described  below.  The  next  treatment  of  the  filtrate 
can  be  made  in  this  tube  or  it  can  be  transferred  to  a  more  suitable 
container. 

(c)  Test  Tube  Remover.  This  equipment  facilitates  removal  of  test 
tubes  from  the  filtration  tube.  Do  not  use  your  finger  for  this 
purpose;  burns  or  stains,  as  well  as  contamination  of  the  solution, 
can  result. 

Insert  one  end  of  the  glass  rod  firmly  in  the  No.  0  rubber 
stopper. 

By  inserting  the  end  of  the  rubber  stopper  in  the  top  of  the 
inner  test  tube  with  a  slight  rotary  motion  the  inner  test  tube 
can  be  lifted  so  that  it  can  be  grasped.  (See  Fig.  17.)  Practice 
removing  the  tube,  with  and  without  solution  in  it,  until  you  learn 
just  how  firmly  the  stopper  has  to  be  seated  in  order  to  lift  the 
tube.  Always  rinse  the  stopper  before  and  after  use  with  solutions. 

{d)  Suction  Filtration  Flash.  When  a  filtrate  is  to  be  subsequently 
treated  in  a  50  ml  flask,  time  is  saved  and  the  transfer  of  the  fil- 
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trate  is  obviated  by  collecting  the  filtrate  directly  in  this  flask. 
This  is  made  possible  by  the  following  equipment. 

Fit  the  No.  1  two-hole  stopper  with  the  second  piece  of  bent 
glass  tubing.  Insert  a  40  mm  funnel  in  the  second  hole  of  the 
stopper,  fit  the  stopper  to  the  flask,  and  clamp  the  flask  in  place. 
Attach  the  suction  bulb  to  the  outer  end  of  the  glass  tubing. 
Always  clamp  the  flask  into  the  position  desired,  otherwise  the 
weight  of  the  tube  and  bulb  are  likely  to  upset  it. 


Analytical  Operations 


iVAost  of  the  analytical  operations  involving  solutions  are  carried  out 
in  glass  vessels.  This  is  true,  first,  because  as  compared  to  metals  or 
alloys  glass  is  relatively  inert  to  attack  by  acids  (except  HF),  oxidizing 
agents,  and  other  reagents.  Second,  glass  is  more  resistant  to  thermal 
shock  than  most  other  chemically  inert  ceramic  materials.  Finally,  the 
transparency  of  glass  is  a  tremendous  advantage  in  observing  the 
course  and  results  of  reactions. 

Instructions  for  Cleaning  Glassware 

Glassware  which  is  to  be  used  for  analytical  purposes  should  be 
perfectly  clean.  Not  only  should  it  be  free  from  visible  dirt  but  when 
rinsed  with  distilled  water  the  surface  should  drain  cleanly  without 
leaving  streaks  or  droplets. 

Usually  glassware  can  be  effectively  cleaned  by  treatment  with  a 
soap  or  detergent  solution;  when  necessary  a  suitable  brush  can  be 
used  advantageously.  After  such  a  treatment  the  apparatus  should 
be  rinsed  copiously  with  tap  water,  then  sparingly  with  distilled  water. 
Finally,  it  should  be  inverted  and  left  to  dry  on  a  cloth  or  paper 
towel.  Do  not  wipe  with  a  towel;  this  is  likely  to  leave  a  greasy  film. 
Such  films  cause  water  to  leave  streaks  and  droplets  on  the  glass. 
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Do  not  use  the  conventional  sulfuric  acid-chromic  acid  "cleaning 
solution"  unless  so-advised  by  your  instructor.  Most  inorganic  stains, 
such  as  manganese  dioxide  and  ferric  oxide,  are  more  effectively  dis- 
solved by  hot  concentrated  HC1  than  by  cleaning  solution.  In  addition, 
the  cleaning  solution  is  dangerous,  especially  when  hot,  if  spilled  or 
spattered  on  your  skin  or  clothing.  It  is  corrosive  to  equipment,  is 
difficult  to  remove  completely  by  rinsing,  and  can  cause  serious 
trouble  if  inadvertently  introduced  into  an  analysis. 

When  using  brushes  in  test  tubes  or  flasks  be  careful  not  to  scratch 
the  surface  with  exposed  wires.  Such  scratches  induce  subsequent 
cracks  when  the  vessels  are  heated  or  cooled  rapidly.  In  addition, 
precipitates  tend  to  form  in  and  on  such  cracks  or  scratches  and  are 
then  difficult  to  remove. 


Handling  and  Measuring  Solid  Chemicals 

One  of  the  most  frequent  problems  you  will  encounter  is  that  of 
obtaining  a  small  predetermined  quantity  of  a  solid  reagent  from  a 
relatively  large  stock  bottle  without  contamination  of  the  stock 
supply  and  without  waste. 

First,  carefully  check  the  label  on  the  stock  bottle  in  order  to  be 
sure  that  the  formula  or  name  is  that  of  the  compound  required.  A 
hasty  glance  can  easily  mistake  Na2S03  for  Na2S04,  or  Mg  for  Mn 
known  solution. 

Solid  reagents  are  usually  dispensed  from  wide-mouth  glass  or 
plastic  stoppered  bottles.  If  these  stoppers  are  hollow,  as  is  usually 
the  case  if  the  stopper  is  glass,  the  transfer  from  the  bottle  may  be 
made  by  partly  inverting,  then  shaking  or  rolling  the  bottle  until 
approximately  the  desired  quantity  is  caught  in  the  hollow  of  the 
stopper.  Remove  the  stopper  and  transfer  the  desired  quantity  from  it 
to  a  watch  glass  or  paper.  Tap  or  roll  the  stopper  to  control  the  quan- 
tity removed.  Excess  material  in  the  stopper  can  be  returned  to  the 
bottle  provided  it  has  not  been  touched  or  contaminated.  Never 
return  material  from  a  paper  or  other  container  to  the  bottle. 

If  the  bottle  has  a  solid  glass  stopper,  tilt  or  roll  the  bottle  with 
the  stopper  held  loosely  in  place  until  the  approximate  quantity 
needed  is  caught  in  the  neck  of  the  bottle.  Partly  withdraw  the  stopper 
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and  shake  or  roll  this  material  directly  on  to  the  watch  glass  or  paper. 
Partial  withdrawal  of  the  stopper  permits  control  of  the  quantity 
taken  and  minimizes  danger  of  the  mass  of  material  in  the  bottle 
suddenly  spilling  forth. 

Material  can  be  obtained  from  wide-mouth  bottles  with  plastic 
screw  caps  by  removing  the  cap,  inclining  the  bottle,  then  tapping  or 
rolling  the  required  quantity  of  material  into  the  top. 

Consult  your  instructor  in  case  the  material  in  a  bottle  has  become 
"caked"  so  that  the  above  methods  cannot  be  used. 

Spatulas  of  stainless  steel  or  porcelain  are  useful  for  transferring 
small  quantities  of  solids.  With  practice  one  can  measure  quantities 
by  the  area  of  the  spatula  tip  which  is  covered  or  by  the  quantity 
taken  in  the  spoon  of  a  porcelain  spatula. 

1.  Instructions  for  Transferring  Solids  from  Containers 

(a)  Ascertain  or  calculate  the  exact  quantity  required  and 
then  make  an  estimate  as  to  the  bulk  represented.  Many  chem- 
icals are  expensive — do  not  waste  them  by  taking  an  unnecessary 


excess 


(b)  Transfer  this  quantity  from  the  container  to  a  clean  dry 
watch  glass — if  a  weighed  quantity  is  to  be  taken  the  watch 
glass  should  have  been  weighed  or  counterbalanced.  A  piece  of 
glazed  paper  can  be  used  if  the  material  is  a  dry,  nonabsorbent, 
nonreactive  solid.  Take  your  container  to  the  reagent  shelf, 
never  take  the  stock  bottle  to  your  desk.  Read  the  label  carefully  before 
you  open  the  bottle  and  again  as  you  replace  it  on  the  shelf. 

Certain  substances,  such  as  CaCl2,  absorb  water  so  rapidly 
that  they  will  stick  to  paper.  Na202  is  such  a  vigorous  oxidizing 
agent  that  paper  in  contact  with  it  may  start  to  burn. 

(c)  Close  and  return  the  container  to  its  proper  place. 

(d)  Weigh  or  measure  (as  described  below)  the  precise  quantity 
required. 

(e)  Discard  the  excess.  Never  return  it  to  the  stock  bottle — 
there  is  great  danger  of  contamination  or  of  returning  it  to  the 
wrong  bottle.  Immediately  clean  up  and  put  in  the  waste  jars 
any  solid  which  is  spilled  in  taking  it  from  the  bottle  or  in  weigh- 
ing it. 
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2.  Instructions  for  Weighing  Solids 

Balances  are  used  in  analytical  work  for  making  weighings.  The 
type  to  be  used  will  depend  upon  the  total  weight  and  the  accuracy 
desired.  Masses  up  to  2000  g  can  be  weighed  to  within  0.1  gram  on  a 
platform  or  "trip"  balance  such  as  is  shown  in  Fig.  18. 
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Figure  18.     Balances  and  weights  fur  analytical  work 
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A  so-called  "triple-beam"  balance  can  be  used  to  weigh  to  within 
0.01  gram  masses  up  to  100-200  g  provided  they  are  in  perfect  condi- 
tion and  adjustment  and  if  they  are  carefully  used.  A  low-sensitivity 
analytical  balance,  a  "general  laboratory"  balance,  or  a  "pulp"  bal- 
ance can  be  used  to  weigh  to  within  1  mg  masses  up  to  100-200  g. 
If  they  are  available  these  latter  balances  should  be  used  in  P.  2  for 
weighing  the  0.100  g  (100  mg)  samples  of  nonmetallic  solids  and  in  P.  4 
for  weighing  the  0.05  g  (50  mg)  samples  of  metallic  solids. 

Space  is  not  available  in  this  text  for  a  discussion  of  the  principles 
of  the  analytical  or  equal-arm  balance  or  for  detailed  instructions  for 
making  weighings.  If  such  balances  are  available,  consult  your  instruc- 
tor before  using  them.  If  such  balances  are  not  available  and  triple- 
beam  balances  are  used  the  weight  of  the  100  mg  sample  will  be  un- 
certain to  ±10  mg.  This  uncertainty  will  cause  a  similar  relative 
uncertainty  in  the  estimates  of  the  quantities  of  any  elements  present. 
With  a  50  mg  sample  the  uncertainty  is  ±20%.  Of  course,  if  weighed 
samples  are  available  the  use  of  the  pulp  or  similar  sensitivity  balance 
is  not  required. 

General  Rules  for  the  Use  of  Balances 

(a)  Before  using  the  balance,  check  that  the  pans  or  plates  are  clean 
and  that  the  balance  is  in  proper  operating  condition.  Also  check 
that  the  accompanying  weights  are  in  good  condition  and  that 
none  is  damaged  or  missing.  Report  any  unsatisfactory  or  doubt- 
ful condition  of  balances  or  weights  to  your  instructor. 

(b)  Use  only  the  iceights  accompanying  a  balance.  Never  touch  the 
weights  accompanying  an  analytical  or  pulp  balance  with  your 
hands;  use  the  forceps  provided. 

(c)  Do  not  put  the  object  or  material  to  be  weighed  directly  on  the 
pan  of  a  balance.  First  weigh  or  counterbalance  a  watch  glass, 
weighing  bottle,  or  piece  of  glazed  paper.  Then  place  the  object 
on  or  in  the  container  and  determine  the  additional  weight  re- 
quired to  restore  the  original  condition  of  equilibrium.  Always 
weigh  liquids  in  closed  containers. 
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(d)  Know  the  rated  capacity  of  the  balance  and  do  not  exceed  it. 

(e)  Double-check  the  weight  and  record  it  in  your  notebook.  When 
weighing  a  sample  on  an  analytical  or  pulp  balance  first  count 
and  record  the  weights  on  the  pans,  then  check  the  weights 
missing  from  the  box.  An  error  in  weighing  your  sample  can  make 
all  of  your  subsequent  work  with  that  sample  wasted  time. 

(/)  Report  any  accident  to  the  balance  at  once;  do  not  attempt  to 
make  adjustments  or  repairs. 

(g)  Keep  the  balance  case  open  only  when  handling  samples  or 
weights.  Be  sure  the  case  and  weight  box  are  closed  when  you  have 
finished  the  weighing. 

(h)  Carry  a  weight  box  in  an  upright  position.  Turning  it  on  its 
side  displaces  fractional  weights  from  their  proper  places. 

(i)  Leave  your  balance  case  and  surrounding  desk  clean  and  orderly. 
Replace  the  weight  box  in  its  proper  position. 


Handling'  and  Measuring  Solutions 

Most  of  the  operations  of  analytical  chemistry  involve  the  handling 
of  solutions,  for  volumes  of  solutions  can  be  measured  rapidly  and 
accurately.  However,  it  requires  practice  to  acquire  dexterity  in  pour- 
ing, filtering,  or  in  the  other  manipulations  necessary  with  liquids. 
When  such  dexterity  has  been  acquired  laboratory  work  becomes 
neater  and  more  rapid,  and  more  enjoyable.  For  these  reasons  detailed 
instructions  are  given  below  to  help  you  learn  the  proper  techniques. 

1.  Instructions  for  Transferring  Solutions 

(a)  Pouring  from  Bottles  into  Graduates  or  Test  Tubes.  First,  care- 
fully check  the  label!  Be  sure  the  name  or  formula  is  the  one  desired. 
Next,  check  the  concentration.  Many  procedures  are  critically  de- 
pendent upon  concentration  adjustment.  In  some  cases  you  will 
have  to  dilute  the  reagent  to  the  specified  concentration. 
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Figure  19.     Pouring  from  a  bottle. 
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Two  problems  arise  when  a  solution  is  to  be  poured  from  a  re- 
agent bottle:  first,  preventing  contamination  of  the  reagent; 
second,  controlling  the  flow  of  the  solution  so  as  to  avoid  spilling 
the  solution  or  getting  it  on  your  hands. 

Bottles  standing  in  a  laboratory  often  accumulate  a  visible 
white  deposit  composed  primarily  of  ammonium  salts.  Such  a 
deposit  should  be  washed  from  the  stopper  and  neck  of  the 
bottle  before  the  stopper  is  removed;  finally  rinse  with  distilled 
water  and  dry  the  bottle  with  a  clean  towel.  Chloride  is  likely  to 
be  introduced  into  analyses  if  this  precaution  is  not  taken. 

In  order  to  prevent  possible  contamination,  the  ground-glass 
surface  of  the  stopper  should  never  come  in  contact  with  the  desk 
or  other  surface.  Also,  the  bottle  should  be  left  open  for  as  short 
a  time  as  possible. 

When  first  poured  over  the  dry  glass  of  the  neck  of  a  bottle, 
a  solution  tends  to  flow  in  an  erratic  manner  both  as  to  path  and 
volume.  Much  better  control  is  possible  if  the  ground  glass  neck 
and  the  lip  are  first  wetted  as  shown  in  Fig.  19. 
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Figure  20.     Types  of  reagent  bottles 
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The  type  of  stopper  in  the  bottle  will  determine  the  preferable 
method  of  handling  the  stopper  while  pouring  from  the  bottle. 
Various  types  of  stoppers  are  shown  in  Fig.  20.  Type  A  is  desig- 
nated as  a  "penny"  or  "coin-headed"  stopper.  The  flat  vertical 
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Figure  21.     Handling  bottle  stoppers. 
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disc  is  convenient  in  that  the  stopper,  after  being  loosened,  can 
be  withdrawn  with  the  back  of  the  fingers  and  the  stopper  and 
bottle  held  in  the  same  hand  while  pouring  from  the  bottle  (see 
Fig.  21  A  and  B).  Be  sure  that  the  wet  stopper  is  drained  against 
the  inside  neck  of  the  bottle;  otherwise  the  reagent  may  drain 
down  on  your  fingers  and  in  some  cases  this  may  cause  discomfort. 
However,  this  stopper  has  the  disadvantage  that  it  cannot  be 
placed  on  a  desk  without  the  ground  glass  surface  touching  the 
desk.  In  addition,  dust  can  settle  upon  the  lip  of  the  bottle  and 
thus  contaminate  solution  flowing  over  it.  These  disadvantages 
have  been  overcome  in  Type  B  stoppers. 
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Figure  22.     Proper  use  of  a  stirring  rod. 
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Types  C  and  D  are  "flat-headed"  stoppers.  Type  D  is  known 
as  a  mushroom  head.  This  stopper  protects  the  neck  from  dust 
and  can  be  inverted  and  placed  on  the  desk.  This  invites  the 
possibility  that  you  may  forget  to  replace  it,  or  if  more  than  one 
bottle  is  opened,  that  you  may  replace  it  in  the  wrong  bottle. 
For  this  reason,  whenever  possible,  hold  this  stopper  (with  the 
last  two  fingers)  against  the  palm  of  the  hand  which  is  holding  the 
graduate  or  test  tube,  as  shown  in  Fig.  21  C.  Always  hold  the  bottle 
lip  against  the  edge  of  the  graduate  or  test  tube  into  which  the 
solution  is  poured. 

(b)  Pouring  into  Beakers  or  Flasks.  Use  of  Stirring  Rods.  The  stir- 
ring rod  is  used  in  this  process  to  guide  the  first  portions  of  solu- 
tion over  the  lip  of  the  pouring  vessel,  to  minimize  sudden  spurts, 
to  prevent  solution  from  running  down  the  outside  of  the  con- 
tainer from  which  it  is  poured,  to  guide  the  solution  to  the  desired 
place,  to  prevent  spattering  in  the  receiving  vessel,  and  to  remove 
the  last  drops  of  solution  from  the  lip  of  the  pouring  vessel. 

When  a  stirring  rod  is  not  used  always  hold  the  lip  of  the  bottle 
or  container  against  the  inner  surface  of  the  receiving  vessel. 
The  proper  use  of  the  stirring  rod  for  transferring  a  solution  from 
a  test  tube  to  a. conical  flask  is  shown  in  Fig.  22. 


2.  Instructions  for  the  Use  of  Droppers 

(a)  Measuring  and  Transferring  Reagents.  The  construction  and 
calibration  of  droppers  have  been  described  earlier,  pp.  129-133. 

The  calibration  marks  are  used  for  adding  1  and  \  ml  volumes; 
smaller  volumes  are  measured  by  counting  the  drops  delivered. 
Never  put  your  dropper  directly  into  the  reagent  bottle;  this  presents 
too  great  a  chance  of  contamination.  First  take  a  slightly  larger 
volume  than  is  required  in  a  small  graduate  or  test  tube. 

Never  put  the  tip  of  the  dropper  into  the  receiving  solution;  in 
order  to  prevent  spattering  deliver  the  drops  near  the  surface  of 
the  solution  to  which  the  reagent  is  being  added  or  near  the  wall 
of  the  receiving  vessel.  For  use  with  this  system  reagent  solutions 
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are  conveniently  dispensed  from  250  ml  bottles  equipped  with 
calibrated  droppers  as  shown  in  Fig.  23. 


(b)  Removing  a  Centrifugate.  A  dropper  should  be  used  to  remove 
as  much  as  possible  of  the  supernatant  solution — the  centrifu- 
gate— without  disturbing  the  precipitate.  A  dropper  with  a  long 
capillary  tip  is  advantageous  (Fig.  24). 

First,  compress  the  bulb,  then 
insert  the  tip  of  the  dropper  slightly 
below  the  level  of  the  solution,  and 
slowly  release  the  bulb.  Lower  the 
tip  as  the  level  of  the  solution  drops. 
When  the  solution  level  nears  the 
precipitate  use  great  care  not  to  press 
the  bulb;  solution  forced  from  the 
tip  will  disturb  the  precipitate.  As 
the  solution  level  approaches  the 
precipitate,  carefully  tilt  the  tube 
so  as  to  expose  additional  solution 
surface. 

(c)  Washing  or  Dissolving  Precipi- 
tates. Wash  solution  can  be  effectively 
applied  to  a  centrifuged  precipitate 
by  means  of  a  dropper.  The  solution 
can  be  added  so  as  to  expose  and 
mix  all  portions  of  the  precipitate 
with  the  wash  solution. 
When  a  precipitate  on  a  filter  is  to  be  washed,  use  a  dropper  to 
apply  the  wash  solution  dropwise  as  shown  in  Fig.  25.  If  the 
precipitate  is  lumped  or  compacted,  use  the  tip  of  the  dropper 
to  gently  disintegrate  the  material  so  that  all  parts  are  washed. 
Finally,  be  sure  that  the  entire  surface  of  the  filter  is  washed; 
especially  that  over  the  triply  folded  part  of  the  filter. 

When  a  precipitate  on  a  filter  is  to  be  treated  with  a  minimum 
of  a  solvent,  the  latter  should  be  applied  dropwise  and  the  tip  of 
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the  dropper  used  to  disintegrate  the  precipitate.  The  solution 
should  then  be  drawn  through  the  filter,  the  vessel  containing 
the  filtrate  removed,  another  vessel  put  in  place,  and  the  same 


Figure  24.     Use  of  capillary  dropper  to  remove  centrifugate. 

solvent  passed  through  the  filter  as  before.  When  practical,  heat 
the  solution  before  again  passing  it  through  the  filter.  This  process 
can  be  repeated  as  many  times  as  is  required. 


3.  Instructions  for  Diluting  Concentrated  Acids 

When  water  is  added  to  anhydrous  acids  the  hydration  reaction 
evolves  heat.  With  sulfuric  acid  this  effect  is  of  such  magnitude  that 
the  addition  of  water  to  the  acid  may  cause  spattering  because  the  water 
is  converted  to  steam.  When  the  acid  is  added  slowly  to  a  large  excess 
of  water,  not  enough  heat  is  evolved  to  raise  the  temperature  of  the 
water  to  its  boiling  point.  Therefore  when  mixing  or  diluting  anhydrous 
acids,  especially  H2S04,  always  add  the  acid  sloicly  to  the  water,  be  sure 
that  the  solution  is  constantly  stirred,  and  cool  it  if  necessary.  The  latter 
is  especially  necessary  when  the  excess  of  water  is  not  large. 
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Figure  25.     Washing  a  filtered  precipitate  with  a  dropper. 
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Jf.  Instructions  Regarding  Heating  and  Evaporating  Solutions 


Much  of  the  work  in  analytical  chemistry  is  done  with  hot  or  boiling 
solutions.  Just  as  all  solutions  tend  to  supersaturate  in  the  absence  of 
crystallization  nuclei  before  precipitation  occurs,  so  all  solutions  have 
a  tendency  to  superheat  above  their  boiling  points  before  formation 
of  the  gas  phase  takes  place.  Then,  once  the  gas  phase  is  formed,  the 
boiling  frequently  proceeds  so  rapidly  that  solution  is  thrown  from 
the  container  by  this  rapid  gas  formation  (steam  in  aqueous  solution). 
An  occurrence  of  this  kind,  which  is  called  "bumping,"  may  be  danger- 
ous since  hot  corrosive  chemicals  may  be  spattered  on  your  or  your 
neighbor's  skin  or  clothing.  Moreover  such  an  occurrence  is  likely  to 
be  discouraging  since  it  may  mean  the  loss  of  the  time  and  effort  al- 
ready expended  on  that  analysis.  For  these  reasons  the  following 
suggestions  are  presented  in  the  hope  that  they  can  minimize  such 
occurrences. 

(a)  Heating  Solutions  in  Flasks.  Solutions  can  be  boiled  safely  and 
evaporated  rapidly  in  conical  flasks  held  directly  over  the  flame, 
provided  the  following  rules  are  observed: 

First,  the  flask  initially  must  not  contain  over  30-40%  of  its 
maximum  capacity;  that  is,  a  50  ml  flask  should  not  contain  more 
than  20  ml  of  solution. 

Second,  the  solution  in  the  flask  must  be  kept  in  continuous, 
rapid  motion.  This  is  most  effectively  done  by  rapidly  swirling 
the  solution,  as  shown  in  Fig.  26.  Test  tube  holders  of  the  large 
wooden  clothespin  type  are  most  convenient  for  this  purpose. 
A  satisfactory  holder  can  be  made  by  repeatedly  folding  length- 
wise a  sheet  of  firm  glazed  paper  so  that  a  compact  strip  about 
1  cm  in  width  is  formed.  This  strip  is  looped  around  the  neck  of 
the  flask,  as  shown  in  Fig.  26.  If  moistened  and  dried  such  strips 
will  hold  a  circular  shape.  Do  not  use  your  tongs  for  handling  flasks 
or  beakers.  Corrosion  of  the  tongs  and  contamination  of  solutions 
result  if  the  vessel  is  grasped  with  one  tip  on  the  inside  surface. 
Holding  the  neck  of  a  flask  between  the  bend  in  the  tongs  is 
hazardous. 
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Figure  26.     Boiling  solutions  in  flasks. 
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Third,  the  flame  used  must  be  carefully  controlled  and  the  flame 
never  applied  above  the  solution  level.  A  50  ml  flask  should  not 
be  heated  with  a  flame  more  than  2-4  cm  in  height. 

A  solution  in  a  50  ml  flask  can  be  evaporated  to  1-2  ml  volume 
without  danger  of  cracking  the  flask,  provided  the  swirling  is  so 
continuous  that  the  portion  of  the  flask  exposed  to  the  flame  is  kept 
continuously  covered  with  solution. 

A  solution  in  a  flask  is  almost  certain  to  bump,  with  danger  of 
spattering,  if  heated  to  boiling  on  a  wire  gauze  without  being- 
swirled  or  being  stirred  continuously.  This  tendency  is  minimized, 


m 
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Figure  27.     Boiling  solutions  in  test  tubes. 
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but  not  eliminated,  by  placing  a  stirring  rod  in  the  flask  and 
applying  the  flame  directly  under  the  rod. 

Do  not  place  a  hot  flash  or  beaker  directly  on  the  top  of  your  desk. 
The  paint  or  other  finish  is  likely  to  soften  and  stick  to  the 
glass.  Allow  the  container  to  cool  on  a  wire  gauze. 

(b)  Heating  Solutions  in  Beakers.  Heating  solutions  to  boiling  in 
open  beakers  involves  a  greater  danger  of  loss  from  spattering 
than  boiling  in  flasks.  The  solution  cannot  be  kept  in  as  vigorous 
motion,  and  solution  is  more  easily  lost  even  when  the  beaker 
is  covered  with  a  watch  glass.  You  invite  danger  of  loss  if  a  solu- 
tion is  boiled  in  a  beaker  which  is  filled  to  over  20%  the  rated 
capacity.  Danger  of  bumping  can  be  decreased  by  placing  a  stir- 
ring rod  in  the  beaker  and  applying  the  tip  of  the  flame  directly 
under  the  end  of  the  rod.  The  area  of  contact  serves  as  a  center 
for  gas  phase  (steam)  formation. 

(c)  Heating  Solutions  in  Test  Tubes.  Boiling  solutions  in  small  test 
tubes  or  centrifuge  tubes  is  especially  dangerous  and  should  be 
avoided  whenever  possible — one  large  steam  bubble  can  cause 
violent  expulsion  of  most  of  the  solution  from  a  tube!  Never  heat 
a  solution  in  a  test  tube  while  the  tube  is  pointed  toward  another 
person;  never  look  in  a  test  tube  that  is  being  heated! 

Do  not  fill  the  test  tube  to  more  than  20%  of  its  capacity  if 
you  wish  to  boil  the  solution.  Even  so,  the  solution  must  be  kept 
in  vigorous  motion,  the  tube  must  be  inclined,  and  the  flame  must 
be  applied  near  the  top  of  the  liquid,  as  shown  in  Fig.  27. 


Miscellaneous  Operations 

1.  Instructions  Regarding  the  Use  of  pW  Papers 

So-called  pH  papers  are  strips  of  paper  impregnated  with  organic 
compounds  called  "indicators."  These  indicators  can  be  assumed  to 
be  organic  acids  or  bases  which  change  color  upon  being  converted  to 
their  corresponding  salts. 
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Litmus  paper  is  the  classical  pH  paper.  The  essential  constituent  of 
litmus  paper  is  azolitmin;  this  substance  changes  from  red  to  blue  as 
the  pH  changes  from  about  5  to  8.  This  paper  is  very  convenient  to 
use  but  is  restricted  in  its  pH  range. 

AYide-range  pH  papers  have  been  developed  in  recent  years  and  have 
found  general  use.  These  papers  have  been  impregnated  with  several 
indicators  having  pH  ranges  which  differ  so  that  a  continuous  color 
change  is  observed  on  changing  from  a  strongly  acid  solution,  pH  less 
than  2,  to  a  strongly  alkaline  solution,  pH  greater  than  11.  The  change 
of  colors  with  changing  pH  is  usually  as  follows: 

pH  2  or  less — orange-red 
pYL  3  to  5 — orange-yellow 
/>H  o  to  7 — yellow 
pH  7  to  9 — green  to  purplish  blue 
pH  10  or  greater— dark  blue 

Before  making  a  pH  test  be  sure  that  the  solution  is  thoroughly  mixed. 
Many  an  analysis  has  failed  because  the  test  was  made  without  mixing 
the  solution,  or  the  test  paper  came  in  contact  with  acid  or  base  left 
on  the  walls  of  the  container. 

After  mixing  the  solution  insert  a  clean  stirring  rod,  remove  it,  and 
touch  the  wall  of  the  container  just  above  the  solution  in  order  not  to 
remove  too  large  a  drop.  Touch  the  rod  to  the  extreme  end  of  the 
paper.  Wait  1-2  seconds  and  compare  the  color  produced  with  the 
color  chart  which  is  usually  on  the  bottle  from  which  the  papers  are 
dispensed.  Tear  off  the  moistened  portion  of  the  strip. 

A  single  strip  of  paper  can  be  used  for  repeated  tests  since  only  a 
small  area  need  be  moistened. 

2.  Instructions  for  Detecting  and  Recognizing  Precipitates 

Experiments  have  shown  that  in  nearly  all  cases  0.5-1  mg  of  an  ele- 
ment can  be  detected  by  this  system  of  analysis.  In  most  cases  this 
involves  recognizing  the  precipitate  caused  by  this  quantity  of  the 
element.  In  order  to  attain  this  sensitivity  it  is  absolutely  necessary  that 
the  solution  to  be  tested  and  the  reagent  to  be  added  be  perfectly  clear. 
If  this  is  not  the  case  they  should  be  filtered  before  being  mixed. 
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If  you  are  in  doubt  as  to  the  size  and  physical  characteristics  of  a 
precipitate,  such  as  color  and  density,  add  1  mg  of  the  element  in 
question  to  a  solution  identical  in  composition  to  that  being  tested, 
then  add  the  test  reagent  and  note  the  result.  In  this  manner  you  may 
avoid  being  misled  by  a  small  quantity  of  extraneous  material,  such 
as  paper  or  asbestos  fibers,  in  the  solution. 


The  Separation  of  Phases 

As  has  been  explained  in  Section  I  of  this  book  many  of  the  separa- 
tions made  in  analytical  work  are  based  upon  the  separation  of  two 
phases.  In  these  separations  the  constituents  of  interest  are  converted 
either  into  compounds  which  form  a  new  phase,  such  as  a  gas  or  an 
insoluble  precipitate,  or  into  compounds  which  can  be  made  to  pass 
into  a  separate  phase,  such  as  an  immiscible  liquid. 

The  three  types  of  phase  separations  most  commonly  used  are  as 
follows : 

(1)  Solid-Liquid  Phase  Separations.  The  most  frequently  occurring  ex- 
ample of  this  type  involves  the  formation  of  an  insoluble  precipitate 
and  the  separation  of  the  solid  phase  from  the  liquid  phase.  Separations 
of  this  type  are  discussed  below. 

(2)  Gas-Liquid  Phase  Separations.  Such  separations  are  based  upon  dif- 
ferences in  the  volatilities,  or  more  fundamentally  the  vapor  pressures, 
of  various  compounds.  If  a  constituent  in  a  solution  can  be  converted 
into  a  compound  which  is  relatively  volatile  at  ordinary  temperatures, 
then  this  compound  can  be  removed  from  the  solution  in  a  gas  phase 
and  collected  in  some  suitable  manner.  Thus  carbonate  carbon  can  be 
converted  to  carbon  dioxide,  which  can  be  swept  from  the  solution  by 
steam  or  another  inert  gas  and  collected  in  an  alkaline  solution. 

(3)  Liquid-Liquid  Phase  Separations.  The  constituent  of  interest  is 
converted  into  a  compound  which  is  more  soluble  in  a  second  im- 
miscible liquid.  Thus  iodide  iodine  in  an  aqueous  solution  can  be 
oxidized  to  elementary  iodine  and  extracted  into  a  liquid  such  as 
carbon  tetrachloride. 
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Solid-Liquid  Phase  Separations 

In  this  system  the  type  of  separation  most  frequently  used  involves 
the  formation  of  a  solid  phase,  called  the  precipitate,  and  its  separation 
from  a  liquid  phase,  usually  an  aqueous  solution.  Two  methods  are 
used  to  accomplish  these  separations:  filtration  and  centrifugation. 
Because  of  their  extensive  use  these  methods  are  discussed  in  detail 
below. 

Filtering  of  Precipitates 

In  this  process  the  aqueous  solution  is  passed  through  a  medium, 
the  filter,  which  is  of  such  porosity  that  the  precipitate  is  retained; 
the  resulting  solution  is  called  the  filtrate.  The  two  filtering  media 
most  frequently  used  for  analytical  purposes  are  paper  and  asbestos 
fibers.  Both  are  supported  in  funnels  through  which  the  solution  is 
passed.  Paper  niters  are  rapid  and  easy  to  use.  Asbestos,  a  calcium- 
magnesium  silicate  mineral,  is  very  resistant  to  most  reagents  and  is 
used  when  the  solution  contains  constituents,  such  as  strong  acids  or 
oxidizing  agents,  which  would  attack  the  paper. 

Often  the  filtering  process  is  expedited  by  applying  suction  to  the 
funnel  in  order  to  draw  the  solution  through  the  filter  more  rapidly. 
By  this  means  most  precipitates  can  be  filtered  as  rapidly  as  they  can 
be  separated  by  centrifugation.  Therefore  in  this  text  centrifugation  is 
specifically  recommended  only  when  a  subsequent  treatment  of  the  pre- 
cipitate is  made  more  difficult  or  time-consuming  by  the  presence  of  paper 
or  asbestos.  In  many  other  cases  centrifugation  or  filtration  may  be 
used  interchangeably  if  enough  centrifuges  are  available.  Instructions 
for  the  preparation  of  suction  filtration  equipment  have  been  given 
earlier  in  this  section,  p.  139.  Suction  filtration  with  various  types  of 
filters  is  discussed  below. 

1.  Instructions  for  Suction  Filtration  with  Paper  Filters 

In  order  to  obtain  rapid  and  effective  filtration  with  paper  filters, 
care  must  be  taken  in  the  selection  of  the  proper  type  of  filter,  in  the 
fitting  of  the  paper  to  the  funnel,  and  in  the  application  of  suction. 
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Analytical  filter  paper  of  various  porosities  and  of  various  types  can 
be  purchased.  The  more  dense,  less  porous  papers  are  used  for  filtering 
precipitates  comprised  of  very  fine  particles,  but  these  require  more 
time  for  passage  of  the  solution.  In  addition,  washing  precipitates  on 
such  dense  filters  requires  more  time  and  care. 

The  very  loose,  porous  papers  permit  rapid  filtering  and  washing 
but  may  not  retain  fine  precipitates.  Paper  of  average  porosity  can 
be  used  for  most  of  the  work  of  this  system  and  should  be  used  unless 
otherwise  specified. 

Filter  papers  are  also  designated  as  "qualitative"  or  "quantitative." 
Qualitative  filters  are  used  when  one  is  not  interested  in  obtaining  the 
weight  of  the  precipitate  after  "igniting,"  that  is,  burning  the  paper. 
Quantitative  filters  should  be  used  only  for  quantitative  gravimetric 
analyses  where  such  an  ignition  is  to  be  made.  These  filters  are  treated 
with  acids  in  order  to  remove  constituents  such  as  silicates  and  other 
metal  salts  which  would  remain  after  an  ignition.  Quantitative  filters 
cost  approximately  five  times  as  much  as  qualitative  filters  of  the  same 
filtering  characteristics  and  are  not  required  for  the  work  of  this  sys- 
tem. Qualitative  papers  of  "medium"  porosity  or  filtering  speed  should 
be  used.  A  good  grade  of  paper  is  desirable;  the  cheaper  papers  are 
likely  to  be  either  too  stiff  to  fit  properly  in  the  funnel  or  else  disinte- 
grate too  easily. 

Obtain  a  supply  of  good  grade  7  cm  qualitative  filter  papers,  medium 
porosity.  Clamp  the  filtration  tube  assembly  (Fig.  17)  in  place.  Fold 
a  filter  exactly  in  half  (see  Fig.  28).  Crease  the  fold  by  pressing  it 
firmly  between  the  fingers;  do  not  rub  the  crease.  Fold  again,  but  with 
the  two  straight  edges  making  an  angle  of  approximately  5  degrees. 
Again  crease  firmly.  Tear  an  irregular  segment  from  the  smaller  fold, 
as  shown  in  Fig.  28. 

Open  the  filter  between  the  untorn  folds  and  place  it  in  the  funnel. 
Fill  the  paper  with  water  and  fit  it  into  place  by  gently  pressing  down- 
ward with  the  fingers  on  the  upper  edges.  The  paper  should  fit  so  that 
the  stem  retains  a  column  of  water  after  the  filter  is  empty,  otherwise  air 
will  leak  around  the  folds  and  will  prevent  efficient  suction  filtration. 

Fill  the  filter  §  full  of  water.  (When  filtering  a  solution  never  fill  the 
paper  more  than  about  f  full;  otherwise  the  precipitate  may  be  spat- 
tered or  pulled  by  capillary  attraction  above  the  filter.)  Compress  the 
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bulb  at  a  deliberate  rate,  then  release  it  as  required  to  empty  the  filter 
in  7-10  seconds.  Practice  icitJt  each  new  bulb  until  facility  is  acquired  in 
controlling  the  flow  rate.  (Caution!  If  the  bulb  is  suddenly  compressed 
the  valve  may  not  operate  sufficiently  rapidly  to  prevent  air  being 
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Figure  28.     Folding  and  fitting  a  paper  filter. 


forced  into  the  filtration  tube  and  upward  through  the  filter.  With 
paper  filters  this  can  result  in  spattering  of  the  solution  and  precipi- 
tate; asbestos  filters  may  be  completely  unseated  and  disrupted.  If  the 
bulb  is  suddenly  released  after  full  compression  the  suction  may  break 
the  paper  or  pull  precipitates  through  the  filter.) 
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2.  Instructions  for  Suction  Filtration  with  Asbestos  Filters 

Asbestos  filters  consist  of  a  mat  of  asbestos  fibers  supported  in  the 
funnel  on  a  perforated  porcelain  plate  or  a  glass-wool  mat,  as  shown  in 
Fig.  29.  The  plate  is  used  to  advantage  with  large  voluminous  precipi- 


Figure  29.     Asbestos  filters. 


tates  because  of  the  larger  filtering  surface.  The  asbestos  fibers  should 
be  of  the  long-fiber  type  and  should  have  previously  been  acid-washed 
to  remove  soluble  material.  The  fibers  are  dispensed  as  a  water  sus- 
pension. (The  preparation  of  the  fibers  is  described  in  Appendix  7, 
p.  454.) 
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Shake  the  asbestos  stock  bottle  until  the  fibers  are  uniformly  sus- 
pended, then  take  only  the  quantity  of  fibers  thought  to  be  needed. 
The  asbestos  in  the  stock  bottle  should  be  a  thin  suspension  after 
being  shaken  and  not  a  thick  sludge;  the  fibers  should  be  soft,  dis- 
persed, and  free  of  compact  particles. 

Proceed  by  (a)  or  (6)  below,  depending  upon  whether  a  porcelain- 
plate  or  glass-fiber  support  is  to  be  used. 

(a)  Asbestos  Filter  with  Porcelain-Plate  Support.  Obtain  a  20  mm 
perforated  porcelain  plate,  preferably  one  with  a  60°  beveled  edge, 
and  place  it  with  the  glazed  side  uppermost  in  the  funnel  of  the 
suction  filtration  tube. 

With  no  suction  applied,  pour  the  asbestos  suspension  on  the 
plate  until  the  perforations  are  thinly  covered.  Apply  light  suction 
until  the  fibers  are  drawn  against  the  plate.  (Caution!  Compress 
the  bulb  slowly  or  the  plate  can  be  forced  out  of  the  funnel!  Only 
light  suction  is  required  to  draw  the  asbestos  into  place.)  Examine 
the  mat  to  see  if  all  the  perforations  are  covered.  The  tendency  at 
first  is  to  use  too  thick  a  mat.  Usually  a  1  mm  or  at  most  2  mm 
mat  is  adequate.  Add  water,  taking  care  not  to  disrupt  the  mat, 
until  the  funnel  is  §  full;  draw  this  water  through  the  mat.  Repeat 
this  washing  process  until  no  more  asbestos  fibers  are  drawn 
through  the  mat.  The  filter  is  ready  for  use.  (In  case  the  filter  is 
to  be  used  with  solutions  containing  silver  salts,  wash  until  the 
wash  water  is  free  of  chloride.) 

(b)  Asbestos  Filter  with  Glass-Wool  Support.  Obtain  a  supply  of 
glass  wool.  (This  must  be  fine,  soft  fiber,  not  springy  strands. 
Pyrex  No.  800  fiber  or  equivalent  should  be  used.) 

By  means  of  a  stirring  rod  with  a  flattened  end  loosely  tamp  a 
quantity  of  the  glass  wool  into  the  base  of  the  funnel  (see  Fig.  29). 
The  upper  surface  of  the  mat  should  have  a  diameter  of  from  10 
to  15  mm.  Adjust  the  quantity  of  wool  to  the  size  and  nature  of 
the  precipitate;  the  larger  quantity  will  be  required  only  for  large 
voluminous  precipitates. 

With  no  suction  applied,  pour  the  well-shaken  asbestos  sus- 
pension on  the  mat  until  a  thin  layer  of  asbestos  is  formed. 
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Compress  the  bulb  slowly  and  apply  suction  until  the  asbestos  is 
drawn  against  the  glass  wool.  A  1  mm  layer  is  adequate.  Avoid 
using  an  unnecessary  quantity  of  either  glass  wool  or  asbestos. 

Wash  the  filter  with  water  as  directed  above  until  fibers  of 
asbestos  no  longer  pass  through  the  filter.  The  filter  is  ready 
for  use. 

Factors  Involved  in  Washing  Precipitates 

Several  factors  have  to  be  considered  in  deciding  the  extent  to 
which  a  precipitate  should  be  washed  for  the  purposes  of  this  system. 

First,  when  the  filtrate  contains  elements  of  interest  and  is  to  be 
further  analyzed,  the  fraction  of  the  solution  which  remains  in  the 
precipitate  or  filter  should  be  less  than  the  permissible  errors  of  the 
system  of  analysis.  One  must  remember  that  in  a  succession  of  separa- 
tions by  precipitations  the  losses  are  cumulative.  In  this  system  it  is 
intended  that  not  over  a  total  of  5%  of  any  constituent  will  be  lost 
in  the  nitrations,  centrifugations,  or  other  processes.  Therefore  one 
should  collect  the  wash  solution  with  the  original  filtrate  until  this  limit 
can  be  met.  Thereafter,  if  the  washing  is  continued  for  other  reasons, 
the  wash  solution  should  be  discarded  in  order  to  avoid  diluting  the  filtrate 
or  centrifugate  to  a  volume  which  cannot  be  handled  properly.  In  ad- 
dition, the  success  of  many  of  the  procedures  is  critically  dependent 
upon  having  a  specified  volume  of  solution. 

Second,  interfering  substances  should  be  washed  from  the  precipi- 
tate and  filter  until  their  effect  is  negligible.  For  instance,  the  Basic 
Element  Group  precipitate,  which  may  contain  titanium,  should  be 
washed  free  of  any  vanadium  because  in  the  subsequent  analysis  of 
the  group  precipitate  vanadium  would  cause  a  positive  test  for  tita- 
nium. 

In  many  of  the  procedures  of  this  system  the  volume  of  wash  solu- 
tion is  specified,  and  in  other  cases  the  washing  is  continued  until 
some  constituent  is  shown  by  an  appropriate  test  to  be  absent  from 
the  wash  solution.  When  specific  instructions  are  not  given  the  analyst 
should  consider  the  above  factors  and  use  his  own  judgment. 

As  an  aid  in  judging  the  washing  required  to  reduce  the  loss  of 
original  filtrate  to  a  particular  value,  consider  the  following  example: 
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Assume  that  the  volume  of  the  original  filtrate  was  5  ml  and 
that  0.2  ml  of  this  was  left  with  the  precipitate  and  filter.  This 
corresponds  to  4%.  Now  assume  that  a  1  ml  portion  of  wash 
solution  was  added,  and  that  it  is  uniformly  mixed  with  the  0.2  ml 
of  original  filtrate  remaining  with  the  precipitate  and  filter.  This 
solution  is  now  allowed  to  run  through  the  filter.  If  again  0.2  ml 
remains  this  process  reduces  the  per  cent  of  the  initial  filtrate 
remaining  on  the  precipitate  and  filter  to  less  than  1%.  With  a 
second  similar  treatment  the  loss  is  reduced  to  less  than  0.2%. 
Note  that  the  smaller  the  volume  of  solution  left  on  the  filter, 
the  more  efficient  the  washing  becomes  for  a  given  number  of 
treatments. 


Filtering  by  Decantation 

When  a  precipitate  settles  rapidly  the  filtering  and  washing  process 
is  most  effectively  done  by  decantation.  This  means  that  the  precipi- 
tate is  allowed  to  settle  and  the  clear  solution  carefully  drained  away 
from  it  and  through  the  filter.  Then  the  wash  water  is  added  in  ap- 
propriate volumes  to  the  precipitate  in  the  original  vessel,  the  mixture 
stirred,  allowed  to  settle,  and  the  solution  again  decanted.  In  many 
cases,  when  properly  done,  most  of  the  precipitate  can  be  retained  in 
the  original  vessel  and  the  next  operation  with  the  precipitate  carried 
out  in  that  vessel. 

If  the  precipitate  does  not  settle  sufficiently  rapidly  to  permit  effec- 
tive decantation,  the  latter  portions  of  the  solution  can  be  used  to 
transfer  all  of  the  precipitate  to  the  filter.  When  washing  a  precipitate 
on  a  filter  take  care  that  all  of  the  precipitate  and  the  paper  are  treated 
with  the  wash  solution.  Be  careful  to  wash  the  upper  portion  of  the 
paper,  especially  where  there  is  a  triple  fold.  It  is  usually  most  efficient 
to  add  this  wash  solution  dropwise. 


3.  Instructions  for  Filtering  and  Washing  Precipitates 

Prepare  one  of  the  filters  as  directed  above.  Check  that  the  receiving 
vessel — one  of  the  test  tubes  or  the  flask — is  cleaned  and  drained. 
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Before  beginning  filtration  allow  the  precipitate  to  coagulate  and  to 
settle,  as  shown  in  Fig.  30  A. 

By  means  of  a  stirring  rod  held  against  the  lip  of  the  container  and 
against  the  lower  surface  of  the  paper,  or  near  the  surface  of  the  as- 
bestos, guide  as  much  as  possible  of  the  clear  solution  into  the  filter 
{Fig.  30  B).  If  using  asbestos  filters,  have  the  lip  of  the  container  as 


Figure  30.     Filtering  by  decantation. 


close  to  the  asbestos  mat  as  possible  and  pour  slowly — otherwise  the 
mat  will  be  disrupted.  Do  not  fill  a  paper,  or  the  funnel  of  an  asbestos 
filter,  more  than  §  full  at  any  one  time.  Try  to  pour  off  as  much  clear 
solution  as  possible  without  stirring  up  the  precipitate.  As  long  as  the 
solution  runs  through  the  filter  at  a  reasonable  rate  (about  2  drops 
per  second)  do  not  apply  suction.  (Strong  suction  may  break,  or  may 
cause  the  precipitate  to  pass  through,  a  paper  filter;  it  may  so  pack 
an  asbestos  filter  that  filtration  becomes  painfully  slow.  With  paper 
filters  the  precipitate  is  easier  to  remove  or  to  dissolve  if  not  pulled 
into  the  pores  of  the  filter.)  Apply  suction  only  when  it  is  required  to 
maintain  the  proper  flow  rate. 
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(a)  Transfer  of  the  Precipitate.  Before  beginning  to  wash  the  pre- 
cipitate, decide  if  it  should  be  transferred  to  the  filter.  A  complete 
transfer  is  usually  required  only  in  gravimetric  determinations 
when  the  precipitate  is  to  be  weighed.  For  the  work  of  this 
system  a  complete  transfer  is  usually  unnecessary  and  should  be 
avoided  since  a  larger  volume  of  wash  solution  is  required  and 
the  danger  of  loss  increased. 

In  most  cases  in  this  system  the  washed  precipitate  will  next 
be  dissolved  for  further  treatment.  When  this  is  the  case  the 
precipitate  can  be  treated  much  more  effectively  with  the  solvent 
when  in  a  flask  or  test  tube  than  on  a  filter.  For  this  reason  in 
most  cases  retain  as  much  as  possible  of  the  precipitate  in  the 
precipitation  vessel  during  the  washing  process.  (See  the  section 
on  "Dissolving  the  Precipitate"  below.) 

(b)  Washing  the  Precipitate  by  Decantation.  Add  to  the  precipi- 
tate in  its  original  container  just  enough  wash  solution  to  make 
a  suspension  of  the  precipitate.  Shake  or  stir  the  mixture.  Allow 
it  to  settle  and  decant  the  solution  through  the  filter.  Repeat 
this  process  until  the  specified  volume  of  wash  solution  has  been 
used  or  until  an  appropriate  test  of  the  wash  solution  indicates 
adequate  washing.  Collect  the  first  washings  with  the  original 
solution;  discard  the  others. 

(c)  Washing  the  Precipitate  on  the  Filter.  When  decantation  is  not 
feasible  and  most  of  the  precipitate  passes  on  to  the  filter,  use  a 
dropper  to  apply  portions  of  wash  solution  first  to  the  original 
container  and  then  to  all  parts  of  the  precipitate.  Finally,  wash 
the  precipitate  and  all  portions  of  the  filter  with  wash  solution 
added  dropwise  by  means  of  the  dropper.  Collect  the  first  wash- 
ings with  the  original  solution;  discard  the  others. 

(d)  Dissolving  the  Precipitate.  First  add  the  solvent  to  the  pre- 
cipitate remaining  in  the  original  container.  Heat  or  otherwise 
treat  this  mixture  as  specifically  directed  until  the  precipitate  is 
dissolved.  Affix  a  container  under  the  filter  and  then  treat  the 
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precipitate  on  the  filter  with  the  solution.  In  some  cases  the 
solution  will  have  to  be  poured  repeatedly  through  the  precipitate 
on  the  filter. 

Cent rif ligation  of  Precipitates 

Centrifugation  is  a  process  in  which  centrifugal  force  is  used  to  cause 
the  solid,  more  dense  phase,  to  settle  rapidly  and  compactly.  Thus  in  a 
short  time  the  solution,  called  the  centrifugate,  can  be  either  poured 
off,  decanted,  or  removed  with  a  dropper.  The  instrument  used  for 
this  purpose  is  called  a  centrifuge  and  two  types  are  shown  in  Fig.  31. 


Figure  31.     jQentrtfuges. 


Although  most  of  the  solid-liquid  phase  separations  of  this  system 
are  rapidly  and  conveniently  made  by  suction  filtration,  there  are 
certain  cases  where  the  subsequent  treatment  of  the  precipitate  with 
a  solvent  makes  centrifugation  preferable.  When  this  is  the  situation, 
the  use  of  centrifugation  will  be  specified  in  the  procedure  instructions. 
In  certain  other  cases  where  the  nature  of  the  precipitate  would  re- 
quire centrifugation  for  excessive  lengths  of  time,  filtration  will  be 
specified.  In  many  instances  either  procedure  can  be  used  satisfactorily; 
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the  size  of  the  precipitate  or  the  immediate  availability  of  a  centrifuge 
can  be  the  deciding  factor. 

A  centrifuge  equipped  to  take  15  ml  (15  X  120  mm)  test  tubes  is 
ideal  for  use  with  this  system.  If  the  tube  holders  are  the  horizontally 
swinging  type  be  sure  that  the  rubber  cushions  at  the  bottom  of  the 
tube  are  not  so  thick  as  to  cause  the  lip  of  the  test  tube  to  touch  the 
centrifuge  head  when  the  tube  is  manually  moved  to  a  horizontal 
position.  If  this  occurs  the  cushions  should  be  cut  in  half  or  replaced 
by  soft  rubber  stoppers  cut  to  the  proper  thickness. 

Test  tubes  are  more  convenient  for  general  analytical  use  than  the 
tapered  centrifuge  tubes.  The  latter  are  more  commonly  of  soft  glass 
and  thus  break  more  easily,  especially  when  heated.  In  addition,  the 
taper  makes  it  more  difficult  to  insure  mixing  of  reagents.  An  attempt 
to  boil  a  solution  in  a  tapered  tube  is  likely  to  result  in  bumping. 

If  the  available  centrifuges  accommodate  no  larger  than  8  ml 
(10  X  100  mm)  tubes,  there  will  be  times  when  the  mixture  will  have 
to  be  divided  equally  between  two  tubes  for  centrifuging.  Or,  in  order 
to  avoid  dividing  the  precipitate,  half  of  the  mixture  can  be  centri- 
fuged,  this  centrifugate  removed,  then  the  second  half  of  the  mixture 
can  be  added  and  centrifuged.  The  latter  process  takes  longer. 

Your  instructor  should  be  consulted  in  regard  to  any  special  instruc- 
tions required  for  the  specific  type  of  centrifuge  being  used.  The  fol- 
lowing are  general  precautions  which  should  always  be  observed. 

Always  use  balanced  tubes.  If  your  mixture  is  all  in  one  tube, 
add  an  equal  volume  of  water  to  a  second  similar  tube  and  oppose 
the  two  tubes  in  the  centrifuge.  When  a  mixture  is  divided  be- 
tween two  tubes,  be  sure  that  each  contains  the  same  volume. 
If  the  centrifuge  begins  to  vibrate  excessively,  stop  it  and  in- 
vestigate! If  necessary,  call  the  instructor.  In  some  cases  it  may  be 
necessary  to  check  that  the  weight  of  the  tube  holders  is  properly 
matched. 

If  a  tube  breaks  in  the  centrifuge,  be  sure  that  all  of  the  mix- 
ture and  broken  glass  are  removed.  Immediately  clean  the  tube 
holder  and  any  portion  of  the  centrifuge  which  may  have  been 
spattered. 

The  proper  method  for  removing  the  centrifugate  from  the 
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precipitate  has  been  described  above  (p.  154).  Read  these  instruc- 
tions before  attempting  this  operation. 

When  washing  a  precipitate  by  centrifugation  be  sure  that  the 
packed  precipitate  is  thoroughly  mixed  with  each  portion  of  the 
wash  water.  The  same  care  should  be  taken  when  treating  a 
centrifuged  precipitate  with  a  solvent  in  order  to  extract  soluble 
constituents. 


Section  111 


The  System 
of  Analysis 


Introduction 


Organization  of  this  System 

This  section  of  the  book  contains  the  system  of  analysis.  Each  step 
is  called  a  Procedure  and  is  given  a  number.  (P.  refers  to  a  procedure; 
p.  indicates  a  page.)  The  procedure  numbers  are  not  consecutive,  but 
each  section  or  group  after  the  first  begins  with  a  number  that  is  a 
multiple  of  ten  plus  one.  Thus  the  first  group  of  procedures,  containing 
the  initial  work  with  various  types  of  samples,  includes  Procedures  1 
to  5 ;  the  first  procedure  of  the  next  group  is  Procedure  1 1 . 

Each  procedure  has  two  sections.  First,  there  is  a  Discussion  which 
presents  the  general  principles  and  the  factual  chemistry  involved  in 
that  operation.  Second  are  the  Instructions,  which  are  the  working 
laboratory  directions,  and  the  accompanying  Notes  which  contain 
explanatory  details  or  supplementary  instructions  for  special  con- 
ditions. 

The  quantitative  procedures,  or  Estimations,  which  are  provided  for 
each  element  are  given  because,  as  stated  previously,  purely  qualita- 
tive information  may  be  of  little  value,  or  even  misleading.  For  some 
courses  of  instruction  in  which  the  time  is  particularly  limited,  these 
estimations  may  be  omitted;  however,  a  quick  comparison  of  the  size 
of  a  precipitate  or  the  intensity  of  a  color  with  a  "known"  will  tell 
whether  the  amount  of  a  constituent  is  large,  small,  or  only  a  trace. 
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You  should  consult  your  instructor  if  in  doubt  as  to  whether  or  not 
the  Estimations  should  be  made. 


Qualitative  versus  Quantitative  Analyses 

As  has  been  explained  previously,  in  Section  I,  a  purely  qualitative 
analysis — one  which  merely  reports  what  elements  are  present  without 
any  indication  as  to  quantities — is  usually  without  much  value.  For 
this  reason  the  procedures  of  this  system  have  been  designed  to  enable 
you  to  make  an  estimate  as  to  the  quantity  of  any  element  which  is 
found  present.  These  procedures  will  not  make  it  possible  for  you  to 
approach  the  accuracy  of  conventional  quantitative  analyses,  but 
usually  you  will  be  able  to  say  whether  the  element  found  is  present 
as  a  trace,  or  is  present  in  small,  medium,  or  large  quantities.  These 
terms  must  be  defined  to  be  of  value;  as  used  here  a  trace  represents 
less  than  1%  by  weight  of  the  sample,  a  small  quantity  represents  from 
1  to  5%,  a  medium  quantity  represents  from  5  to  25%,  and  a  large 
quantity  indicates  that  over  25%  of  the  sample  is  composed  of  the 
element  in  question. 

Consult  your  instructor  before  submitting  your  report.  He  may  want 
you  to  report  the  per  cent  by  weight,  or  to  use  other  units  such  as 
the  milligrams  per  milliliter  of  a  solution  sample. 


Sample  Sizes  and  Scales  of  Operation 

Systems  of  qualitative  analysis  have  employed  widely  differing 
weights  of  samples  and  scales  of  operations.  Up  until  20  to  25  years 
ago  samples  of  from  one  half  to  one  gram  were  generally  employed, 
with  the  volume  of  the  resulting  solutions  ranging  from  25  to  several 
hundred  milliliters.  This  is  termed  the  macro  scale  of  operations.  The 
trend  in  more  recent  years  has  been  towards  what  is  termed  the 
semi-micro  scale  in  which  samples  of  less  than  50  milligrams,  and 
solutions  of  from  a  few  drops  to  five  ml,  are  used.  This  reduction  in 
scale  has  made  possible  the  substitution  of  centrifugation  for  filtration 
and  has  effected  a  saving  in  the  time  and  the  quantity  of  reagents 
required  for  an  analysis. 
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The  scale  used  in  this  system  represents  a  compromise  between  these 
two  extremes  and  has  been  adopted  in  order  to  retain  the  more  quanti- 
tative features  of  the  macro  scale  without  loss  of  the  manipulative 
advantages  of  the  semi-micro  scale. 

A  sample  of  100  mg  will  be  taken  for  the  analysis  of  a  nonmetallic 
solid.  Solids  of  this  type,  and  the  solid  residues  obtained  by  evapora- 
tion of  solutions,  are  usually  composed  of  both  cationic  (positively 
charged)  and  anionic  (negatively  charged)  constituents.  Accordingly, 
the  assumption  has  been  made  that  no  one  element  will  constitute 
over  50%  of  the  total  weight  (or  over  50  mg  of  the  100  mg  sample 
taken).  With  metallic  solids  (alloys  or  metal  mixtures)  one  element 
may  predominate  with  others  being  present  only  as  minor  constituents; 
for  this  reason  50  mg  metallic  samples  are  sufficient  for  these  pro- 
cedures. 


Obtaining  a  Representative  Sample 

The  first  problem  confronting  the  analytical  chemist  is  the  procure- 
ment of  a  sample  that  is  representative  of  the  entire  material  he  is 
testing.  If  the  material  is  homogeneous  the  problem  is  vastly  simplified ; 
usually,  this  is  not  the  case.  As  an  example  of  a  more  complicated 
situation,  consider  the  evaluation  of  the  commercial  possibilities  of  a 
mass  of  ore.  The  small  laboratory  sample,  usually  less  than  a  gram, 
must  be  really  representative  of  the  average  composition  of  the  entire 
mass  of  the  ore — which  may  amount  to  thousands  of  pounds  or  thou- 
sands of  tons.  To  analyze  a  few  nonrepresentative  specimens  and 
report  high  values  for  some  commercially  valuable  element  could 
cause  your  client  to  go  bankrupt  and  then  to  sue  you  for  damages. 

The  general  principle  involved  in  obtaining  a  representative  sample 
of  a  heterogeneous  solid  material  is  simple.  First,  a  portion  of  the 
material,  large  enough  to  be  representative  of  the  entire  mass,  is 
taken.  The  pieces  of  this  portion  are  reduced  in  size,  by  crushing  or 
other  means,  and  a  representative  portion  of  the  finer  material  is 
taken;  this  process  is  repeated  with  successively  smaller  portions  of 
finer  material  until  a  laboratory-size  sample  is  obtained.  Although  this 
principle  is  simple,  in  actual  practice  the  sampling  process  may  present 
formidable  difficulties.  A  consideration  of  the  varied  and  specialized 
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methods  used  to  obtain  representative  laboratory  samples  is  beyond 
the  scope  of  this  book,  but  the  problem  is  one  which  should  be  ap- 
preciated. The  solid  samples  used  in  this  course  will  be  uniform  in 
composition  and  will  have  been  ground  or  otherwise  reduced  to  such 
a  fine  state  as  to  be  ready  for  analysis. 

Analysis  of  Various  Types  of  Samples 

The  successive  steps  in  complete  analyses  of  samples  in  this  system 
are  as  follows : 

I.  Obtaining  a  Representative  Sample 
II.  Preliminary  Observations  and  Tests 
III.  Systematic  Analysis 

Alternative  procedures  are  required  for  nonmetallic  solids,  metallic 
solids,  and  solutions.  These  procedures  are  shown  in  the  following 
outline. 


Alternative  Procedures  for  Various  Types  of  Samples 


Sample  is  a  Nonmetallic  Solid  Sample  is  a  Metallic  Solid 


P.  1 — Observe  physical  char- 
acteristics; make  solubil- 
ity and  pll  tests. 

P.  2 — Fuse  sample  with 
NaOH,  NaN03,  and 
Na2C03. 

P.  3 — Treat  fusion  product 
with  water. 

P.  1 1-36 — Analyze  fusion  res- 
idue for  basic  elements. 

P.  41-44 — Analyze  separate 
sample  for  sodium  and 
potassium. 

P.  51-84 — Analyze  portion  of 
fusion  solution  for  am- 
photeric elements. 

P.  101-123— Analyze  portion 
of  fusion  solution  for  acidic 
elements. 

P.  131-134 — Analyze  sepa- 
rate portion  for  nitrogen 
and  carbon. 


P.  1- — Observe  physical  char- 
acteristics. 

P.  4 — Treat  sample  with  ni- 
tric acid  and  chlorate,  fol- 
lowed by  NaOH  and  H202. 


P.  1 1-36 — Analyze  residue  for 
basic  elements 

P.  51-84 — Analyze     solution 
for  amphoteric  elements. 


Sample  is  a  Solution 

P.  1 — Observe  physical  char- 
acteristics; make  pH  test. 


P.  5 — Evaporate  appropriate 
volume  to  dryness.  Treat 
residue  as  nonmetallic 
solid,  beginning  with  P.  2. 
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On  page  182  will  be  found  the  first  of  a  series  of  Flow  Sheets.  These 
flow  sheets  are  intended  as  an  aid  in  visualizing  the  sequence  of  the 
procedures  used  in  carrying  out  an  analysis.  Flow  Sheet  1  shows  the 
procedure  sequence  followed  in  the  preliminary  tests  and  subsequent 
analysis  of  various  types  of  samples. 


FLOW  SHEET   1 


Procedure  Sequence  of  Preliminary 
Tests  on  Samples  and  Separation  of 
the  Elements  into  Major  Groups 


P.  1.  Preliminary  Tests 


Nonmetallic 
Solid  Samples 


P.  2.  Fuse  with  NaOH, 
Xa\Oit  and  ATa2CO, 


P.  3.  Treat  fusion  prod- 
uct with  water. 


I 

(Residue) 


P.  11.  Analyze  for 
Basic  Elements 

FLOW    SHEET    2 


Solution 
Samples 


P.  5.  Evaporate  appro- 
priate volume  to  dry- 
ness 


(Solution) 


Alloy 
Samples 


*  f 

P.  4.  Treat  with  HN03 
and  KClOi 

Add  NaOH  and  H20t 

I— (Residue)- 
— (Solution— 


Amphoteric  and  Acidic 
Elements 


-(Divide  solution)  - 


P.  51.  Analyze  for 
Amphoteric  Elements 

FLOW    SHEET     7 


P.  101.  Analyze  for 
Acidic  Elements 

FLOW     SHEET     12 


Analyze  separate  sam- 
ple for  Soluble  Basic 
Elements  (Na  and  K) 

FLOW    SHEET    6 


Analyze  separate  sam- 
ple for  Carbon  and  Ni- 
trogen 
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PROCEDURE    1 

PRELIMINARY  OBSERVATIONS  AND  TESTS 

Discussion.  In  this  procedure  various  physical  properties  of  the  sam- 
ple are  noted ;  then  solid  samples  are  heated  to  detect  water  and  certain 
other  volatile  compounds.  Solubility  tests  are  made,  first,  with  water 
and  then  with  hydrochloric  and  nitric  acids.  Often  we  can  obtain  very 
useful  information  from  a  preliminary  examination  of  the  material  to 
be  analyzed.  Physical  characteristics  such  as  homogeneity,  color,  etc., 
may  indicate  the  nature  or  source  of  the  sample,  or  this  information 
can  be  combined  with  the  results  of  the  elemental  analysis  and  enable 
us  to  establish  the  actual  identity  of  a  substance. 

Detection  of  Water 

"When  the  sample  is  a  nonmetallic  solid  valuable  information  may 
be  obtained  by  observing  whether  water  is  evolved  when  the  sample 
is  heated.  Few  systems  of  qualitative  inorganic  analysis  provide  specific 
procedures  for  the  detection  of  hydrogen  and  oxygen.  Except  in  organic 
compounds,  hydrogen  most  frequently  will  be  found  combined  with 
oxygen  as  water,  or  as  hydroxyl;  when  the  substance  is  heated  this 
hydrogen  may  be  evolved  as  water.  Water  may  be  present  as  water  of 
crystallization,  which  is  usually  volatilized  below  150-200°,  or  it  may 
be  present  as  water  of  constitution,  which  for  volatilization  may  require 
a  much  higher  temperature.  Blue  stone — or  blue  vitriol — CuS04  •  5H20, 
and  borax,  Na2B407  •  10H2O,  contain  water  of  crystallization,  while 
calcium  hydroxide,  Ca(OH)2,  contains  water  of  constitution.  Mag- 
nesium ammonium  phosphate,  MgNH4P04  •  6H20,  contains  both  water 
of  crystallization  and  water  of  constitution;  after  removal  of  the  6H20, 
the  following  reaction  takes  place: 

2MgNH4P04  +  heat  =  Mg2P207  +  2NH3  +  H20 
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Hydrogen  will  also  be  found  combined  with  trinegative  nitrogen  in 
the  ammonium  ion,  or  more  rarely  as  ammonia  in  complex  ammines. 
It  is  also  found  in  the  negative  state  in  certain  metal  hydrides;  these 
compounds  tend  to  be  unstable  because  of  the  ease  with  which  hydride 
hydrogen  (H-)  is  oxidized  and  are  therefore  not  commonly  encoun- 
tered. Hydrogen,  present  as  ionizable  hydrogen  ion,  will  be  detected 
by  the  test  with  pH  paper  in  this  procedure. 

Oxide  oxygen  is  not  specifically  detected  in  this  system.  In  many 
cases  it  can  be  detected  and  the  quantity  present  can  be  approximately 
estimated  by  the  difference  between  the  total  weight  of  the  elements 
found  and  the  weight  of  the  sample.  As  an  additional  aid  in  its  detec- 
tion many  metal  oxides  and  oxygen  anions  are  of  characteristic  ap- 
pearance. 

Solubility  Tests 

Frequently,  much  useful  information  can  be  obtained  by  observing 
the  solubility  of  the  sample  in  water  and  in  various  acids.  If  the  sample 
is  soluble  in  water,  a  determination  of  the  pH  of  the  resulting  solution 
may  provide  additional  information.  An  alkaline  solution  indicates 
that  the  sample  is  composed  of  basic  constituents,  such  as  soluble 
basic  oxides,  hydroxides,  or  salts  derived  from  strong  bases  and  weak 
acids.  An  acid  reaction  will  be  obtained  if  acid  salts,  such  as  NaHS04, 
or  salts  of  strong  acids  and  weak  bases,  such  as  FeCl3,  are  present. 
The  treatment  of  neutralization,  hydrolysis,  and  displacement  reac- 
tions in  Section  I  of  this  book  (beginning  p.  33)  should  be  reviewed. 
Also  review  these  topics  in  your  general  chemistry  text. 

In  case  the  sample  has  not  dissolved  in  water,  the  effect  of  hydro- 
chloric acid  alone,  and  then  of  a  mixture  of  hydrochloric  and  nitric 
acids  is  observed. 

Solubility  Effects 

Pure  Solvents.  When  a  compound  dissolves  in  a  pure  neutral  solvent 
such  as  water  it  may  exist  in  the  resulting  solution  as  neutral  molecules, 
or  may  partially  or  completely  ionize.  Alcohol  exists  in  aqueous  solu- 
tions as  molecules,   acetic   acid  partly   as   molecules  and  partly  as 
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hydronium  (H30+)  and  acetate  ions,  while  hydrochloric  acid  and 
sodium  chloride  can  be  considered  to  be  completely  ionized.  One  of 
the  factors  which  determines  the  effectiveness  of  a  liquid  as  a  solvent 
is  the  extent  to  which  it  interacts  with  the  solute;  this  reaction  is 
called  solvation.  Thus  when  HC1  gas  or  anhydrous  H2S04  is  added 
to  water,  considerable  heat  is  evolved  because  of  the  reactions 

HC1  +  H20  =  H30+  +  Cl- 
and 

H0SO4  +  H20  -  H3O+  +  HS04" 

and  these  substances  are  very  soluble  in  aqueous  solutions  because  of 
these  solvation  reactions.  On  the  other  hand,  when  ammonia  gas 
dissolves  in  water,  although  solvation  takes  place  to  a  considerable 
extent,  the  product,  NH4OH,  is  only  slightly  ionized  into  NH4+  and 
OH-.  Sodium  chloride  is  an  ionic  substance  and  its  solubility  in  a 
solvent  depends  more  on  the  dielectric  constant  of  the  liquid  than 
on  solvation  reactions,  although  when  dissolved  in  water  hydration 
of  the  ions  also  takes  place.  The  unusual  properties  of  water  as  a  solvent 
are  discussed  in  your  general  chemistry  text. 

Complex  solvents.  A  complex  solvent  is  a  mixture  of  a  pure  solvent  and 
a  reactive  compound.  By  means  of  a  chemical  reaction  such  a  solvent 
converts  some  of  the  dissolved  material  into  a  different  compound  or 
ion,  and  thus  decreases  the  effective  (molar)  concentration  of  this  solute 
in  the  solution.  Consequently  more  of  this  solute  can  dissolve.  As  an 
example,  let  us  consider  how  aqueous  ammonia  functions  as  a  complex 
solvent  for  silver  chloride.  An  equilibrium  exists  between  the  solid  and 
the  solution  as  follows: 

AgCl(»  =  Ag+  +  Cl- 
and  at  any  given  temperature  the  product  of  the  concentrations  of 
the  silver  and  chloride  ions  has  a  constant  value,  the  solubility  product, 
which  has  been  discussed  in  Chapter  5,  p.  82.  The  addition  of  NH3, 
which  can  react  with  the  silver  ion  and  reduce  its  concentration  by 
formation  of  Ag(NH3)2+,  will  cause  more  solid  silver  chloride  to  dissolve 
until  the  product  of  the  ion  concentrations  again  reaches  the  solubility 
product  value. 

In  the  procedure  below  the  solubility  of  the  sample  in  pure  water  is 
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observed  first.  Then  the  effect  of  the  addition  of  hydrochloric  acid  is 
noted.  If  a  solid  has  produced  hydroxy  1  ions  in  its  saturated  solution, 
the  addition  of  an  acid  will  cause  an  increase  in  the  solubility  because 
of  the  reaction 

H+  +  OH-  =  H20 

Thus  all  hydroxides  and  basic  oxides  are  more  soluble  in  acidic  than 
in  neutral  solutions. 

Another  large  class  of  substances  which  become  more  soluble  in  acid 
solutions  are  salts  of  weak  acids;  typical  examples  found  in  nature  are 
the  sulfides,  carbonates,  and  silicates.  Thus  when  a  sulfide  of  the  type 
MS  is  treated  with  water  the  primary  equilibrium  which  is  established 
can  be  written  as  follows: 

MS  (s)  =  M++  +  S" 

Additional  hydrolysis  equilibria  are  then  established: 

S=  +  HOH  =  HS-  +  OH- 

HS-  +  HOH  =  H2S  +  OH- 

When  acid  is  added  both  of  these  reactions  tend  to  proceed  as 
written,  as  the  OH-  they  produce  reacts  with  the  acid.  Direct  reactions 
of  the  acid  with  sulfide  and  hydrosulfide  ions  also  occur: 

2H+  +  S=  =  H2S 

H+  +  HS-  =  H2S 

All  of  these  reactions  decrease  the  sulfide  ion  concentration  and  as  a 
consequence  more  of  the  sulfide  dissolves. 

The  addition  of  a  strong  acid  to  solutions  or  suspensions  of  carbonates 
or  sulfides  will  cause  bubbles  of  C02  and  H2S,  respectively;  the  latter 
can  be  detected  by  its  odor.  Sulfites  and  cyanides  will  release  S02  and 
HCN,  both  of  which  have  distinctive  odors.  If  nitrites  are  present  the 
addition  of  acid  will  cause  brown  fumes  of  N02  to  appear  in  the  tube. 
One  should  be  cautious  when  testing  for  these  gases  by  odor,  as  many 
are  unpleasant  or  even  poisonous. 

Hydrochloric  acid  is  an  unusually  effective  solvent  for  the  oxides, 
hydroxides,  and  salts  of  the  so-called  heavy  metals,  because  in  addition 
to  the  effects  described  above,  chloride  ion  forms  complex  ions  with 
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the  cations  of  these  metals.  Typical  examples  of  such  ions  are  FeCl4~, 
SnCl6=,  HgCl4=,  and  PtCl6=. 

Nitric  acid  can  be  used  to  advantage  as  a  solvent  if  one  of  the 
chemical  species  in  equilibrium  with  the  solid  is  capable  of  being 
oxidized.  Thus,  with  metal  sulfides,  not  only  is  the  solvent  action  of 
the  hydrogen  ion  obtained,  but  the  sulfide  is  oxidized  to  sulfur  or  to 
sulfate.  In  dilute  nitric  acid  solutions  (4  F  or  less),  the  reduction 
product  is  mainly  NO,  nitric  oxide;  very  powerful  reducing  agents 
may  produce  ammonia.  With  more  concentrated  nitric  acid  solutions, 
N02,  nitrogen  dioxide,  is  the  predominant  product.  Even  though  NO 
may  be  the  initial  product  in  such  solutions,  it  is  rapidly  oxidized  to 
N02  by  N03~  or  by  02  in  the  air.  Chemical  reaction  rates,  which  are 
critically  dependent  upon  temperature  and  hydrogen  ion  concentra- 
tion, are  of  great  importance  in  determining  the  effectiveness  of  nitrate 
ion  as  an  oxidant;  thus  there  is  evidence  that  in  general  N02  reacts 
more  rapidly  with  many  reductants  than  does  N03~,  and  consequently 
N02  acts  as  a  catalyst. 

The  effectiveness  of  a  mixture  of  nitric  and  hydrochloric  acids  (aqua 
regia)  as  a  general  solvent  is  due  mainly  to  the  combination  of  the 
hydrogen  ion  effect,  a  complexing  ion,  and  an  oxidizing  agent  in  one 
solution.  Thus  in  such  a  mixture  the  nitrate  ion  is  able  to  oxidize 
metallic  platinum  and  gold  only  because  of  the  stability  of  the  complex 
ions  PtCl6=  and  AuCl4_  which  are  formed.  In  addition,  the  Cl2  and 
NOC1  present  in  aqua  regia  solutions  appear  to  react  more  rapidly 
with  reductants  than  does  nitrate  ion  alone. 

P.  1.     instructions.     Preliminary  Observations  and  Tests 

Obtain  a  sample  from  your  instructor.  Inquire  as  to  whether 
there  are  any  special  instructions  to  be  observed. 

Observations.  Note,  and  record  in  your  notebook,  whether  the 
sample  is  a  nonmetallic  solid,  a  metal  or  alloy,  or  a  solution.  Note 
any  obvious  physical  characteristics  of  the  material,  such  as  color, 
odor,  homogeneity,  etc.  Record  any  conclusions  which  can  be 
drawn  as  to  the  nature  or  identity  of  the  sample  or  any  of  its 
constituents. 
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Directions  for  Various  Types  of  Samples 

If  the  sample  is  a  nonmetallic  solid,  do  tests  (a)  and  (b)  below, 
then  proceed  to  P.  2. 

If  the  sample  is  a  metal  or  alloy,  proceed  to  P.  4. 

If  the  sample  is  a  solution,  test  and  record  the  pH,  then  proceed 
to  P.  5. 

(a)  Test  for  Water  and  Certain  Volatile  Compounds.  Clamp  a 
13  X  100  mm  Pyrex  test  tube  in  a  horizontal  position  and  by 
means  of  a  metal  spatula  place  20-30  mg  (no  more)  of  the  sample 
in  the  bottom  of  the  tube  (see  Section  II,  p.  146  or  consult  your 
instructor  in  regard  to  methods  of  weighing  or  estimating  samples) . 
Cut  a  2-3  cm  wide  strip  of  paper  towel  long  enough  to  encircle 
the  tube,  moisten  the  toweling  with  water  and  wrap  it  around  the 
tube  near  the  open  end;  keep  the  paper  moistened  while  heating 
the  tube. 

By  means  of  a  burner  with  a  2-4  cm  flame  carefully  and  slowly 
heat  the  closed  end  of  the  tube.  (Warning.  Do  not  look  in  the  open 
end  of  the  tube  or  point  it  in  the  direction  of  another  person.) 
Keep  the  flame  several  cm  below  the  tube  at  first,  then  gradually 
raise  the  burner  until  the  flame  envelops  the  lower  part  of  the 
tube.  Do  not  heat  the  tube  to  redness. 

Observe  and  record  any  changes  in  the  material  (Note  1),  or 
the  appearance  of  gases,  or  of  water,  or  other  deposit  in  the 
cooler  parts  of  the  tube.  Record  your  conclusions  as  to  the  nature 
of  the  material. 

Note 

1.  The  presence  of  organic  material  is  indicated  if  the  sample  chars  when 
heated,  especially  if  the  charring  is  accompanied  by  a  tarry  deposit  or  char- 
acteristic odor.  A  black  oxide  deposit  may  form,  without  the  typical  charring, 
in  case  certain  metal  salts,  such  as  copper  nitrate,  are  present. 

If  the  material  volatilizes  partially  or  completely,  the  presence  of  am- 
monium salts  is  indicated — usually  in  such  cases  a  white  deposit  is  formed 
on  the  cool  part  of  the  tube.  Arsenious  trioxide,  mercury  compounds,  and 
many  organic  compounds  behave  similarly  (continued  on  p.  189). 


PRELIMINARY    OBSERVATIONS    [P.    1]  189 

(b)  Solubility  and  \)H  Tests.  Place  20-30  mg  of  the  finely  ground 
sample  in  a  15  ml  test  tube.  Add  1  ml  of  water  and  vigorously 
shake  the  mixture.  Observe  and  record  the  result.  Test  and  record 
the  pH  of  the  solution  (Read  the  instructions  given  in  Section  II, 
page  160,  for  determining  the  pH  of  a  solution  by  means  of  pH 
papers).  If  a  residue  remains,  heat  the  mixture  almost  to  boiling. 
In  case  the  sample  has  partly  dissolved,  add  2  additional  1  ml 
portions  of  water  and  similarly  note  the  results  (Note  2). 

If  there  is  a  residue,  add  1  ml  of  12  F  HC1  in  3-drop  portions. 
Shake  vigorously  after  each  addition.  Note  and  record  any  gas 
formation,  or  any  change  in  the  color  of  the  solution  or  in  the 
appearance  or  quantity  of  any  residue  (Note  3).  Again  warm  the 
mixture. 

If  there  is  a  residue,  add  1  ml  of  16  F  HN03  and  again  heat  the 
mixture.  Observe,  record  and  explain  the  effects. 

Notes  (continued  from  p.  188) 

A  brown  gas  is  likely  to  be  N02  and  it  indicates  the  presence  of  certain 
nitrates  or  nitrites;  bromine  will  appear  if  a  bromide  is  present  accompanied 
by  an  oxidizing  agent.  S02,  detected  by  its  odor,  will  result  from  sulfides, 
sulfites,  and  some  other  sulfur  compounds.  Oxygen  can  be  released  from 
nitrates,  chlorates,  and  higher  oxides  and  peroxides,  and  causes  glowing 
organic  material  to  flame.  Carbon  dioxide  from  carbonates  and  organic  com- 
pounds will  cause  a  drop  of  saturated  Ba(OH)2  solution  (held  in  a  wire  loop) 
to  become  turbid;  S02  gives  a  similar  test. 

2.  Relatively  soluble  constituents  may  be  completely  dissolved  by  the 
first  ml  of  water;  in  this  case  no  further  change  will  be  noted  upon  addition 
of  more  water.  Moderately  soluble  constituents  may  saturate  the  first  ml  of 
water  and  continue  to  dissolve  as  more  water  is  added. 

3.  The  dissolving  of  the  sample  upon  the  addition  of  the  acid  indicates 
the  presence  of  water-insoluble  oxides,  hydroxides,  or  water-insoluble  salts 
of  weak  acids.  A  large  number  of  the  metallic  carbonates,  phosphates, 
chromates,  borates,  arsenates,  and  sulfides  are  included  in  the  latter  cat- 
egory. 
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Tabular  Outline  1 


Compounds  Resulting  When  the 
Elements  of  This  System  Are  Fused 
with  NaOH,  NaN03,  and  Na2C03 


Basic  Elements 


FeA.  Na2Ti03 
MnO,  and  Na2Mn04 
BaC03,  CaC03,  Mg(OH)2, 

and  MgC03 
Ag,0  and  Ag,  CuO,  NiO 


Amphoteric  Elements 

NaFb(OH)4,  NaCu(OH)36 
NaaAsO*,'  Na,Sn(OH)6 
NaAl(OH)4,  Na,Zn(OH)4 
Na2Cr04,  NaVO, 


Acidic  Elements 

Na4SiO. 

Nal,  NaBr,  NaCl 
Na3P04>  Na3As04c 
Na2S04,  NaF 
NaNOj,  Na2C03d 


NaOH,  Na2C03a 
KOH,  K2C03 


"  Separate  samples  are  analyzed  for  Na  and  K,  the  Soluble  Basic  Element  Group. 
b  A  small  quantity  of  copper  will  be  found  with  the  Amphoteric  Elements. 
c  Arsenic  is  provided  for  in  the  analysis  for  both  the  Amphoteric  and  Acidic  Elements. 
d  Separate  samples  are  analyzed  for  N  and  C. 
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PROCEDURE    2 

TREATMENT  OF  XONMETALLIC  SOLIDS. 
FUSION  OF  THE  SAMPLE 

The  discussions  of  metallic,  metalloid,  and  nonmetallic  elements  and  of 
basic,  amphoteric,  and  acidic  oxides  in  your  general  chemistry  text,  and 
in  Chapter  6  of  this  book,  should  be  reviewed  in  connection  with  the 
laboratory  work  of  this  procedure. 

Discussion.  In  the  procedure  below,  the  sample  is  fused  with  sodium 
hydroxide  to  which  sodium  nitrate  and  sodium  carbonate  have  been 
added.  This  treatment  is  designed  to  take  advantage  of  the  differences 
in  the  acid-  and  base-forming  properties  of  the  elements.  Most  of  the 
basic  elements  (those  tending  to  form  basic  oxides)  are  converted  into 
insoluble  oxides  or  carbonates,  while  the  elements  forming  amphoteric 
and  acidic  oxides  are  converted  into  soluble  sodium  salts.  The  com- 
pounds formed  by  the  various  elements  in  the  fusion  mass  are  shown  in 
Tabular  Outline  1. 

Most  solid  compounds  when  heated  until  they  are  liquid  become 
much  more  reactive  than  they  are  in  aqueous  solutions.  This  results 
from  two  factors,  both  of  which  tend  to  increase  the  effectiveness  of 
these  compounds  as  reactants.  These  are,  first,  an  increase  in  the 
chemical  activity  of  the  fused  substance,  and,  second,  the  higher  tem- 
perature at  which  the  resulting  reactions  take  place.  Endothermic 
(heat-absorptive)  reactions  become  more  complete  as  the  temperature 
is  increased  and  the  rates  of  most  chemical  reactions  are  approximately 
doubled  for  each  10°  C  increase  in  temperature. 

The  molten  sodium  hydroxide  used  in  this  system  has  a  high  hy- 
droxyl  ion  activity  and  is  an  extremely  effective  reactant  towards  a 
wide  range  of  substances.  Compounds  of  elements  forming  basic  oxides 
tend  to  be  decomposed  as  the  result  of  precipitation  of  insoluble  oxides 
or  hydroxides;  typical  reactions  are 

2FeP04  +  60H-  =  Fe2O30)  +  2POr  +  3H20 
MgS04  +  20H"  =  Mg(OH)2(s)  +  S04= 

Compounds  of  elements  forming  amphoteric  or  acidic  oxides  tend  to 
be  converted  into  hydroxyl  complex  ions  or  oxygen  anions : 
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PbCl2(s)  +  40H-  =  Pb(OH)4=  +  «C1- 

Si02(s)  +  40H-  =  Si04s  +  2H20 

Molten  sodium  hydroxide  has  a  high  dielectric  constant;  therefore  we 
can  write  typically  ionic  compounds  as  their  ions.  Many  oxides,  such 
as  A1203,  Cr203,  and  Si02,  which  are  extremely  resistant  to  attack  by 
aqueous  sodium  hydroxide,  are  readily  dissolved  by  molten  sodium 
hydroxide  because  of  the  higher  temperature  and  increased  hydroxyl 
ion  activity  in  the  fused  medium. 

Sodium  nitrate,  an  oxidizing  agent,  is  added  to  the  fusion  mixture 
in  order  to  insure  that  certain  elements  are  converted  to  definitely 
known  oxidation  states.  For  example,  it  is  essential  that  all  of  any 
sulfur  in  the  sample  be  present  as  sulfate  after  the  fusion;  any  sulfide 
and  sulfite  present  in  the  fusion  solution  might  be  lost  upon  acidifica- 
tion of  the  solution  (as  H2S  and  S02)  and,  if  not  lost,  would  interfere 
with  the  subsequent  system  of  analysis.  Under  the  conditions  of  this 
procedure  the  nitrate  is  reduced  to  nitrite  by  reducing  agents;  also, 
sodium  nitrate  tends  to  decompose  to  give  nitrite  and  oxygen  at  the 
fusion  temperature. 

Sodium  carbonate  is  added  to  the  fusion  mixture  to  insure  quantita- 
tive precipitation  of  calcium  and  barium  as  carbonates.  The  elements 
of  the  second  row  of  the  periodic  system  are  called  the  Alkaline  Earth 
metals,  and  with  the  exception  of  beryllium  they  form  relatively  highly 
ionized  bases.  Only  magnesium,  calcium,  and  barium  are  included  in 
this  system.  Magnesium  hydroxide  is  so  slightly  soluble  in  aqueous 
solution  that  it  is  quantitatively  precipitated  by  an  excess  of  hydroxyl 
ion;  however,  calcium  and  barium  hydroxides  are  relatively  soluble. 

Upon  treatment  with  water,  in  P.  3,  the  oxides  and  carbonates  of 
the  basic  elements  other  than  sodium  and  potassium  remain  as  pre- 
cipitates, while  the  sodium  salts  of  the  amphoteric  and  acidic  elements 
pass  into  solution,  and  thus  the  first  and  the  major  group  separation 
of  this  system  is  effected.  The  residue  contains  the  elements  of  the 
Basic  Element  Group,  the  solution  contains  the  elements  of  the  Ampho- 
teric and  Acidic  Element  Groups. 

The  behavior  of  the  elements  of  the  first  column  of  the  periodic 
system  is  anomalous  in  this  separation.  These  alkali-metals  form  the 
most  basic  oxides,  yet  the  oxides  hydrate  to  give  soluble  hydroxides. 


TREATMENT    OF    NONMETALLIC    SOLIDS    [P.    2]  193 

The  elements  are  characterized  by  their  electropositivity,  that  is,  by 
the  ease  with  which  they  lose  the  single  electron  from  their  outer  shell 
and  thus  revert  to  the  stable  electronic  configuration  of  the  adjacent 
noble  gas.  The  resultant  unipositive  ion  is  so  stable  in  structure  that 
there  is  little  tendency  towards  coordinate  bond  formation  with  other 
elements.  As  a  result,  the  hydroxides  of  these  elements  are  soluble  and 
are  strong  bases,  that  is,  they  ionize  essentially  completely  in  aqueous 
solutions.  Most  of  the  common  salts  of  these  metals,  including  the 
carbonates,  are  also  relatively  soluble.  Therefore  sodium  and  potas- 
sium— the  only  Alkali  Metal  elements  included  in  this  system — are 
not  precipitated  with  the  Basic  Element  Group,  and  a  separate  sample 
is  used  for  their  detection. 

P.  2.     instructions.     Fusion  of  Nonmetallic  Solid  Samples 

Assembly  of  Required  Apparatus.  Assemble  the  following  items: 

One  50  ml  nickel  crucible  with  cover. 

Before  being  used,  a  new  nickel  crucible  should  be  heated  in  an 
oxidizing  flame  until  a  uniform  dark  coating  is  formed  on  both 
the  inside  and  outside  surface.  The  adherent  oxide  layer  thus 
formed  serves  as  a  protective  coating  and  prolongs  the  life  of 
the  crucible. 

Unless  the  inside  surface  of  a  used  crucible  is  clean  and  smooth, 
scour  it  with  a  paste  of  cleaning  powder  (or  of  soap  solution  and 
fine  sea  sand)  until  any  adherent,  scaly  deposit  is  removed.  Fi- 
nally rinse  with  distilled  water  and  heat  with  a  small  oxidizing 
flame  until  the  crucible  is  dry.  Allow  it  to  cool. 

One  15  ml  porcelain  crucible  (with  smooth  interior  glaze). 

One  123  mm  porcelain  spoon  with  spatula  at  one  end  (Coors  1-A 
or  equivalent). 

One  apparatus  or  ring-support  stand  with  4.  inch  ring.  A  ring  sup- 
port is  preferable  to  a  tripod  for  holding  the  crucible  and  trian- 
gle because  there  is  less  danger  of  overturning  and  because  the 
height  can  be  properly  adjusted  to  the  burner. 

One  2  inch  triangle  (nichrome,  chromel,  or  clay). 

One  pair  crucible  tongs  (nickel,  stainless  steel,  or  nichrome- 
tipped) . 
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(Make  sure  that  the  surfaces  of  the  triangle  and  the  tongs 
which  will  come  in  contact  with  the  crucible  are  clean.) 

One  burner  (Thrill  or  similar). 

Safety  type  eyeglasses  should  be  obtained  from  the  stock  room 
by  those  not  wearing  prescription  lenses.  These  should  be  worn 
while  making  the  fusion  and  while  handling  the  solution  of  the 
fusion  -product  in  P.  3. 

Preparation  of  the  Fusion  Mixture.  Weigh  or  measure  into  the 
nickel  crucible  0.50  g  of  dry  anhydrous  Na2C03;  spread  the  Na2C03 
uniformly  over  the  bottom  of  the  nickel  crucible  {Note  1). 

Weigh  out  into  the  clean,  dry  porcelain  crucible  0.100  g  (± 
5  mg)  of  the  finely  powdered  sample  (Note  2).  (Be  sure  that  the 
sample  is  finely  powdered,  is  well  mixed,  and  has  not  become 
segregated  in  the  container.)  Add  0.5  g  of  Na2C03  and  mix  the 
two  powders  with  a  dry  stirring  rod.  Pour  the  mixture  into  the 
nickel  crucible  containing  the  Na2C03;  hold  the  porcelain  crucible 
just  above  the  nickel  crucible  and  direct  the  powder  towards  the 
center  of  the  layer  of  Na2C03. 

Use  the  stirring  rod  or  a  dry  nickel  spatula  to  remove  any  of 
the  mixture  adhering  to  the  porcelain  crucible. 

Weigh  or  measure  out  0.50  g  of  dry  NaN03  powder  {Note  1). 

Notes 

1.  Any  balance  (such  as  a  pulp,  triple-beam,  trip,  or  torsion  balance) 
which  is  accurate  to  0.05-0.01  g  can  be  used  to  weigh  out  the  Na2C03.  See 
Section  II,  p.  146,  or  consult  your  instructor  for  directions  as  to  the  proper 
weighing  procedure.  The  sample  of  the  unknown  should  be  weighed  on  a 
balance  sensitive  to  5  mg. 

The  Na2C03  and  NaN03  needed  can  be  measured  with  the  porcelain 
spoon  (or  any  similar  measuring  scoop)  provided  it  has  been  previously  cali- 
brated by  means  of  a  weighed  quantity  of  the  solid  which  is  to  be  measured. 

A  bottom  layer  of  Na2C03  is  used  to  minimize  the  tendency  of  certain 
substances  to  fuse  or  stick  to  the  bottom  of  the  crucible,  which  makes  their 
subsequent  removal  difficult  and  increases  the  quantity  of  nickel  found  in  the 
fusion  residue. 

2.  Resistant  compounds,  such  as  native  or  ignited  A1203,  Cr203,  Fe203, 
Ti02,  Sn02,  Si02,  and  many  silicates,  may  not  be  decomposed  unless  the 
sample  has  been  ground  to  a  fine  powder.  The  material  should  feel  smooth, 
not  rough  or  gritty,  and  all  of  it  should  pass  a  100  mesh  sieve. 
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Add  the  NaN03  to  the  mixture  in  the  nickel  crucible.  Similarly 
weigh  or  measure  out  1.0  g  of  dry  NaOH  pellets — 8-10  pellets 
depending  on  the  brand  of  NaOH  (Note  3) .  Add  the  NaOH  to  the 
mixture,  and  tap  the  crucible  against  the  desk  so  that  the  pellets 
settle  into  the  mixture. 

Fusion  of  the  Sample.  Place  the  triangle  on  the  ring  and  adjust 
the  sides  of  the  triangle  so  that  the  crucible  is  seated  firmly  on 


cvl  . 


B**^fife"^ 


3 

Figure  32.     Fusion  of  sample. 


the  triangle  (but  not  wedged  down  into  it;  see  Fig.  32).  Cover 
the  crucible.  Adjust  the  burner  to  give  a  small  2-4  cm  oxi- 
dizing flame  (Note  If). 


Notes 

3.  NaOH  pellets  absorb  water  so  rapidly  that  they  become  sticky  and 
difficult  to  handle.  For  this  reason  it  is  more  convenient  to  count  out  the 
proper  number  of  pellets  than  to  weigh  them.  The  number  of  pellets  per  gram 
should  be  determined  for  each  new  supply  of  NaOH.  Close  the  NaOH  con- 
tainer immediately  after  removing  the  pellets.  The  pellets  should  be  dis- 
pensed from  a  small  container  which  is  filled  daily;  otherwise  the  pellets 
become  wet  and  stick  together. 

4.  A  higher  flame  causes  increased  corrosion  of  the  nickel  crucible  and  a 
larger  quantity  of  nitrite  in  the  melt;  also,  there  is  more  danger  of  splattering 
and  the  resultant  melt  is  harder  to  dissolve. 
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Hold  the  burner  in  the  left  hand  and  slowly  heat  the  crucible 
by  moving  the  tip  of  the  flame  continuously  around  the  bottom 
of  the  crucible.  By  means  of  the  crucible  tongs,  held  in  the  right 
hand,  remove  the  crucible  cover  every  10-15  seconds  to  observe 
the  mixture;  remove  the  flame  before  looking  into  the  crucible.  (Do 
not  get  the  face  close  to  or  directly  above  the  crucible;  hold  the 
crucible  cover  so  as  to  protect  yourself  from  any  spattered  ma- 
terial.) 

If  extensive  frothing  or  bubbling  is  observed,  lower  the  tip  of 
the  flame.  Continue  to  heat  until  all  of  the  NaOH  pellets  are 
melted  and  a  uniform  fluid  melt  is  obtained.  Do  not  heat  at  a  higher 
temperature  than  necessary  to  obtain  a  fluid  melt;  do  not  heat 
longer  than  necessary  to  decompose  the  sample  and  obtain  a 
uniform  melt  (Note  5).  Allow  the  melt  to  cool  until  the  hand  can 
be  held  against  the  bottom  of  the  crucible  (CARE!).  Cooling  can 
be  hastened  by  slowly  immersing  the  bottom  of  the  crucible  in 
water. 

Treat  the  fusion  melt  by  P.  3. 

(Sometimes  information  as  to  the  elements  present  can  be  ob- 
tained from  the  appearance  of  the  melt.  Fe203  causes  a  brown 
residue;  Mn02,  Ag->0,  CuO,  and  XiO  are  dark  brown  to  black. 
Manganate  (Mn04=),  chromate  (Cr04=),  and  cuprate  (Cu(OH)3~) 
are  green,  yellow,  and  blue,  respectively.) 

Note 

5.  Most  samples  will  be  decomposed  in  10-15  seconds  and  will  give  a 
uniform  fluid  melt,  one  in  which  any  Basic  Element  Group  residue  is  uni- 
formly dispersed.  In  case  particles  of  undecomposed  sample  are  visible  after 
a  fluid  melt  is  obtained,  the  heating  should  be  continued,  but  not  for  longer 
than  3  5  minutes.  In  case  decomposition  has  not  been  obtained  in  this  time, 
the  material  for  analysis  should  be  ground  to  a  finer  powder  and  a  new  sample 
fused. 
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Tabular  Outline  2 


Behavior  of  the  Elements  after  Treat- 
ment of  the  Fusion  Product  with  Water. 
Separation  of  the  Basic  Element  Group 


P.  2.  Fuse  the  sample  with  XaOII,  XaXOz.  and  Na^COa  (see  Tabular  Outline  1) 
P.  3.   Treat  the  melt  with  hot  water.  (Add  IIJ)2  if  Mn  is  present) 


Residue 
Basic  Element  Group 
Fe203,  Mn02,  Ti02 
BaC03,  CaC03,  MgC03,  and 

Mg(OH)2 
Ag20,  Ag,  CuO,  NiO 
[Pb02,  Sn02]a 
ToP.  11 

Separate  Sample 

Soluble  Basic  Element  Group'' 

Na+  K+ 


Solution 

(One  half  of  the  solution  is  used  for  the  analysis  of  the 
Amphoteric  Elements  and  the  other  half  for  the  Acidic 
Elements) 


Amphoteric  Element  Group 

Pb(OH)4=,  Cu(OH)3-  c 
AsOr,d  Sn(OH)«- 
AI(OH)4-  Zn(OH)r 
004=,  vo3- 
To  P.  51 


Acidic  Element  Group 
I-  Br",  Cl- 

por,  Asor,d  so4=,  f- 

To  P.  101 

Separate  Sample 

no,-,  co3= « 


"  Elements  in  brackets  appear  where  indicated  only  when  present  in  large  quantities  or  as  the 
result  of  imperfect  separations. 

b  A  separate  sample  is  analyzed  for  sodium  and  potassium — the  Soluble  Basic  Element  Group — 
because  their  hydroxides  and  carbonates  are  soluble,  and  because  sodium  salts  are  used  in  the 
fusion  (P.  2). 

c  Only  a  small  amount  of  copper  is  dissolved. 

d  Arsenic  will  appear  with  both  the  Amphoteric  and  Acidic  Element  Groups  and  may  be 
detected  in  either  group. 

e  Separate  samples  are  analyzed  for  nitrogen  and  carbon  because  these  elements  are  introduced 
in  the  fusion  (P.  2). 
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SEPARATION  OF  THE  BASIC  ELEMENT 
GROUP  FROM  THE  AMPHOTERIC  AND 
ACIDIC  ELEMENT  GROUPS 
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Discussion.  The  fusion  mass  obtained  by  P.  2  is  treated  with  hot 
water,  which  leaves  the  elements  of  the  Basic  Element  Group  as  in- 
soluble oxides  and  carbonates;  the  elements  of  the  Amphoteric  and 
Acidic  Element  Groups  dissolve  as  anions  in  the  sodium  hydroxide 
solution.  The  compounds  present  in  the  residue,  and  the  anions  present 
in  the  solution,  are  shown  in  Tabular  Outline  2. 


P.    3.        INSTRUCTIONS. 


Treatment  of  the  Fusion  Product 
with  Water 


Incline  the  cold  crucible  containing  the  NaOH  melt  and  pour 
7  ml  of  water  down  the  side  of  the  crucible  from  a  10  ml  graduated 
cylinder.  Immediately  replace  the  cover  if  bubbling  takes  place. 
When  any  bubbling  has  ceased,  incline  the  crucible  (support  the 


Figure  33.     Treatment  of  fusion  product  with  water. 
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base  of  the  crucible  against  one  side  of  the  triangle)  until  the 
liquid  flows  to  within  1—1.5  cm  from  the  top  as  shown  in 
Fig.  33.  Heat  under  the  forward  part  of  the  liquid  with  a  small 
pointed  flame  (not  over  1.5  cm)  until  the  solution  is  stirred  by 
convection;  do  not  actually  boil  the  solution  or  spattering  may 
result  (Note  1). 

Continue  heating  until  the  melt  is  loosened  from  the  crucible.  If 
the  melt  is  resistant,  support  the  crucible  firmly  in  an  upright 
position  and  use  a  short,  stout  stirring  rod  to  loosen  and  crush 
the  solid,  then  again  heat  as  before;  continue  this  sequence  of 
treatments  until  the  melt  no  longer  adheres  to  the  crucible. 

With  the  aid  of  a  stirring  rod,  pour  the  mixture  from  the  crucible 
into  a  150  ml  beaker.  Use  the  stirring  rod  to  remove  solid  particles 
from  the  crucible.  Use  a  dropper  to  wash  down  the  sides  of  the 
crucible  with  1  ml  of  water;  then  pour  this  solution,  together  with 
any  remaining  particles  of  melt,  into  the  beaker.  Repeat  this 
process  a  second  time  with  1  ml  of  water. 

Support  the  stirring  rod  in  the  lip  of  the  beaker,  cover  the  beaker 
with  a  watch  glass,  and  then  place  the  beaker  on  a  wire  gauze. 
Heat  the  solution  with  a  1-2  cm  pointed  flame  directly  under  the 
stirring  rod  until  gentle  boiling  is  obtained  (Note  2). 

Continue  to  boil  the  solution  until  any  original  particles  of  melt 


Notes 

1.  Under  no  circumstances  should  the  base  of  the  crucible  be  heated  since 
spattering  of  the  concentrated  NaOH  (lye)  solution  is  likely  to  occur.  Apply 
the  flame  only  to  the  thin  upper  layer  of  solution.  Wear  glasses. 

If  any  of  the  solution  is  spilled  or  spattered  on  the  person,  immediately 
wash  it  off  with  copious  quantities  of  water.  Follow  the  water  with  a  saturated 
boric  acid  solution. 

2.  Superheating  with  resultant  bumping  and  spattering  of  the  solution  is 
likely  to  occur  if  the  bottom  of  the  beaker  is  heated  uniformly.  This  possibil- 
ity can  be  minimized  if  the  beaker  is  gently  rocked  until  after  the  solution 
has  begun  to  boil  continuously. 
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are  completely  disintegrated  (Note  3)  and  then  for  2-3  minutes 
longer.  Do  not  evaporate  the  solution;  should  salts  begin  to  crys- 
tallize, add  1-2  ml  more  water. 

Reduction  of  Manganate.  If  the  solution  has  an  intense  green 
color,  cool  it,  and  add  1  F  H202  dropwise  until  the  color  disappears 
(Note  Jf) ;  stir  the  mixture  after  each  drop,  do  not  add  more  than 
10  drops.  Boil  the  solution  until  oxygen  bubbles  are  no  longer 
evolved,  then  remove  the  watch  glass. 

Finally,  with  the  watch  glass  still  in  place,  gently  boil  the  solu- 
tion until  the  volume  is  approximately  6  ml  as  determined  by 
comparison  with  6  ml  of  water  in  a  similar  beaker. 

Separation  of  the  Basic  Element  Group  by  Centrifugation.  Support 
a  15  ml  (15  X  125  mm)  test  tube  in  a  clamp  or  rack.  (See  p.  173 
regarding  the  use  of  8  ml  tubes.)  With  the  aid  of  a  stirring  rod 
transfer  the  mixture  from  the  beaker  to  the  clamped  test  tube; 
drain  the  beaker  of  liquid.  Rinse  down  the  sides  of  the  beaker  with 
1  ml  of  water  added  from  a  dropper;  then  drain  this  water,  together 
with  any  residue,  into  the  test  tube.  Repeat  this  washing  with  a 
second  portion  (1  ml)  of  water. 

Add  the  same  total  volume  of  water  to  another  15  ml  test  tube, 


Notes 

3.  It  is  essential  that  no  original  particles  of  melt  remain,  since  such  parti- 
cles will  cause  elements  of  the  Amphoteric  and  Acidic  Element  Groups  to  be 
carried  into  the  Basic  Element  Group.  Undeeomposed  particles  can  be  exposed 
by  slowly  tilting  and  rotating  the  beaker. 

4.  The  solution  is  cooled  to  avoid  excessive  decomposition  of  the  peroxide. 
Cooling  can  be  accomplished  by  immersing  the  lower  half  of  the  beaker  in  a 
larger  beaker  of  cold  water  and  swirling  the  solution.  The  H2O2  is  added  to 
reduce  any  Mn04=  or  Mn04~  to  Mn02.  With  copper  present,  the  solution 
may  be  blue;  with  chromium,  it  may  be  yellow.  If  both  copper  and  chromium 
are  present,  the  solution  may  have  a  pale  greenish  color  which  will  not  be 
affected  by  the  H2O2  and  which  should  not  be  confused  with  the  intense 
green  color  of  Mn04=.  The  10  drops  of  H202  specified  is  more  than  adequate 
to  reduce  the  maximum  quantity  of  manganate,  provided  the  solution  is 
cooled,  and  provided  the  reagent  H202  has  not  already  partially  decomposed. 
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place  the  two  tubes  in  a  centrifuge,  and  bring  the  motor  to 
maximum  speed  for  1-2  minutes.  (Read  the  material  on  Centrif- 
ugation  in  Section  II,  p.  172,  and  consult  your  instructor  before 
using  the  centrifuge.)  Allow  the  centrifuge  to  stop,  then  remove 
the  test  tube  containing  the  mixture.  Transfer  the  clear  solution 
(Note  5)  from  this  tube,  by  means  of  a  dropper,  into  a  10  ml  grad- 
uated cylinder.  Add  1  ml  of  water  to  the  residue,  mix  thoroughly, 
return  the  tube  to  the  centrifuge,  and  again  bring  the  motor  to 
maximum  speed  for  1  minute  (always  balance  the  tube  being 
centrifuged  with  a  similar  tube  containing  the  same  volume  of 
water).  Again  transfer  the  clear  solution  to  the  graduate. 

Add  water  to  the  graduate  until  the  volume  is  exactly  10  ml. 
Mix  the  solution  by  twice  pouring  it  into  a  clean  dry  15  ml  test 
tube,  then  return  it  to  the  graduate.  By  means  of  the  dropper, 
transfer  just  5  ml  of  the  solution  to  the  15  ml  test  tube.  Close 
the  tube  with  a  clean  rubber  stopper.  Label  the  tube  "Amphoteric 
Element  Group — P.  51." 

Pour  the  remaining  5  ml  into  a  similar  test  tube  and  rinse  the 
graduate  with  1  ml  of  water;  add  this  rinse  water  to  the  test 
tube.  Stopper  this  tube  and  label  it  "Acidic  Element  Group — 
P.  101."  (In  the  analysis  of  alloys  this  portion  should  be  reserved 
for  emergency  use  only — see  the  Discussion  of  P.  4.)  Hold  the 
two  labeled  tubes  for  analysis  later. 

Treat  the  residue  in  the  original  test  tube  by  P.  11. 

Note 

5.  A  slight  cloudiness  in  this  solution  can  be  overlooked.  Such  a  suspension 
will  not  contain  a  significant  quantity  of  the  Basic  Group  elements;  it  will 
probably  settle  and  can  be  removed  and  discarded  before  the  analysis  of  the 
alkaline  solution  is  begun. 
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Tabular  Outline  3 


Treatment  of  Alloys 


P.  4.  Treat  the  sample  with  HN03 

Solution:  Mn++,  TiO++,  Fe+++,  Mg++  Ag+  Cu++  Ni++ 

Pb++  A1+++,  Zn++  Cr+++  V02+ 
Precipitate :  Sn02 •  aH20 
(//  sample  has  not  dissolved,  add  HCl,  then  more  HNO3.     Evaporate) 

Add  NaCl03.  Evaporate  to  2-3  ml 

Solution:  TiO++  Fe+++  Mg++  Ag+  Cu++  Ni++ 

Pb++,  A1+++  Zn++,  Cr207=,  V02+ 
Precipitate :  Mn02,  Sn02  ■  a:H20 

Separation  of  the  Basic  Element  Group 
Neutralize  with  NaOH ;  add  excess.  Add  //202.  Add  water.  Heat  (treat  by  last  part  of  P.  3) 


Residue 

Solution 

Basic  Element  Group 

Amphoteric  Element  Group 

Acidic  Element  Group 

Mn02,  Ti02,  Fe203 

Pb(OH)4=  Cu(OH)3- 

Si03=  AsOr 

Mg(OH)2 

Sn(OH)6= 

P04s,  so4= 

Ag20,Ag(«),CuO,Ni(OH)2 

Al(OH)4-  Zn(OH)3- 

Usually  present  only  in 

To  P.  11 

Cr04=,  VO3- 

small  quantities  in  alloys. 

To  P.  51 

They  can  be  omitted  from 
the  analysis  of  alloys 
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PROCEDURE   4 

TREATMENT  OF  METALLIC  SOLIDS  (ALLOYS) 

Discussion.  Certain  of  the  elements  provided  for  in  the  system  of 
analysis  for  nonmetallic  solids  are  usually  not  present  in  alloys,  or  will 
be  found  only  in  relatively  small  proportions.  The  strongly  electro- 
positive basic  elements  sodium,  potassium,  barium,  and  calcium  are 
too  reactive  to  be  used  in  common  industrial  alloys;  the  strongly 
electronegative  and  acidic  elements  such  as  fluorine  and  the  other 
halogens  react  to  form  salts  with  most  metals.  Carbon,  silicon,  nitrogen, 
phosphorus,  arsenic,  and  sulfur  are  often  present  as  carbides,  silicides, 
nitrides,  phosphides,  and  arsenides  and  are  capable  of  causing  profound 
changes  in  the  physical  characteristics  of  alloys.  However,  these  latter 
elements  are  usually  present  in  such  small  proportions  that  special 
methods  of  analysis  which  are  beyond  the  scope  of  this  system  are 
required  for  their  detection  and  estimation.  Accordingly,  only  the  basic 
elements  iron,  manganese,  titanium,  magnesium,  silver,  copper,  and 
nickel  and  the  amphoteric  elements  lead,  tin,  aluminum,  zinc,  chro- 
mium, and  vanadium  are  provided  for  in  the  treatment  of  metallic 
solids. 

The  procedure  given  below  includes  three  steps:  First,  the  solution 
of  the  alloy.  Second,  the  oxidation  and  precipitation  of  manganese  as 
the  dioxide,  and  the  oxidation  of  chromium.  Third,  the  separation  of 
the  basic  elements  from  the  amphoteric  elements  by  a  treatment  with 
aqueous  sodium  hydroxide. 

Solution  of  the  Alloy 

The  fusion  treatment  used  in  P.  2  for  nonmetallic  solids  would  not 
be  effective  for  alloys  containing  a  high  proportion  of  a  basic  element; 
the  formation  of  resistant  oxide  coatings,  such  as  Fe203  or  NiO,  would 
tend  to  prevent  further  decomposition.  In  the  procedure  below  the 
alloy  is  first  dissolved  in  nitric  acid,  or,  when  required,  in  a  mixture 
of  nitric  and  hydrochloric  acids.  (A  discussion  of  the  solvent  effects 
thus  obtained  is  given  in  connection  with  P.  1,  p.  187,  and  should 
be  read.) 


206  TREATMENT    OF    SAMPLES 

Oxidation  of  Manganese  and  Chromium.  A  soluble  chlorate  is  added 
to  the  nitric  acid  solution  in  order  to  oxidize  and  precipitate  manganese 
as  the  dioxide  and  to  oxidize  chromium  to  dichromate.  The  products 
from  the  reduction  of  the  chlorate  are  C102  and  Cl2  in  varying  propor- 
tions. A  much  better  separation  of  manganese  from  chromium  and 
from  certain  of  the  amphoteric  elements  is  obtained  when  these  oxida- 
tions are  carried  out  in  an  acid  solution  rather  than  in  the  alkaline 
medium  next  employed. 

Separation  of  the  Basic  and  Amphoteric  Elements 

An  excess  of  NaOH  is  added  and  the  solution  heated.  H202  is  added 
to  insure  the  complete  oxidation  of  manganese  and  chromium.  The 
resulting  conditions  are  essentially  the  same  as  those  obtained  by 
treatment  of  the  NaOH  fusion  mass  with  water  as  is  done  in  P.  3. 
Therefore  the  mixture  obtained  at  this  point  in  the  procedure  below 
is  treated  by  the  latter  part  of  P.  3. 

The  behavior  in  P.  4  of  the  various  elements  found  in  alloys  is 
shown  in  Tabular  Outline  3. 

P.  4.     instructions.     Treatment  of  Metallic  Solids 

The  sample  should  be  dry  and  in  the  form  of  fine  shavings, 
cuttings,  or  powder. 

Weigh  out  into  a  150  ml  beaker  0.05  g  (±  3  mg)  of  the  alloy 
sample. 

Solution  of  the  Alloy.  Add  3  ml  of  6  F  HN03,  cover  the  beaker 
with  a  watch  glass,  and  place  it  under  a  hood.  Gradually  heat  the 
acid  as  is  required  to  cause  vigorous  reaction;  when  vigorous 
action  ceases,  gently  boil  the  solution  as  long  as  the  alloy  is  dis- 
solving. Then  add  2  ml  of  16  F  HN03  and  again  heat  as  before 
(Note  1)  until  the  alloy  has  dissolved  or  for  5-10  minutes  in  case 
it  is  not  dissolved. 

Note 

1.  The  alloy  is  first  treated  with  dilute  acid  and  heated  only  as  required 
in  order  to  avoid  such  a  rapid  evolution  of  gases,  NO  or  N02,  as  to  cause 
spattering. 
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If  the  alloy  has  dissolved  {Note  2)  proceed  to  the  section  below 
entitled  Oxidation  of  Manganese  and  Chromium. 

In  case  complete  solution  of  the  original  alloy  is  not  obtained 
in  5-10  minutes,  add  2  ml  of  12  F  HC1  and  evaporate  the  solution 
under  a  hood  to  2  ml  (Note  3).  Add  3  ml  of  16  F  HN03  and  again 
evaporate  to  2  ml. 

Oxidation  of  Manganese  and  Chromium.  Add  to  the  solution  a 
50  mg  portion  of  NaC103,  gently  heat  until  the  crystals  are  dis- 
solved, then  boil  for  15-20  seconds  or  until  yellowish  fumes  of 
Cl2  or  C102  are  no  longer  evolved.  (Hood!)  Similarly  add  a  second 
50  mg  portion  of  NaC103  and  heat  as  before.  (Black  or  broirn 
precipitate,  presence  of  manganese;  orange  color,  probable  presence 
of  chromium;  white  precipitate,  probable  presence  of  tin).  In  case 
a  large  dark  precipitate  or  an  intense  orange  color  is  obtained, 
add  a  third  portion  of  the  NaC103.  Finally,  add  1  ml  of  16  F  HN03 
and  evaporate  to  a  volume  of  1  ml.  Use  1  ml  of  water  in  a  similar 
beaker  as  a  standard. 

Separation  of  the  Basic  Element  Group  from  the  Amphoteric  Ele- 
ment Group.  Cool  the  mixture.  Add  3  ml  of  6  F  NaOH  slowly  to 
the  beaker.  (The  pH  should  be  greater  than  7;  if  it  is  not,  add 
more  NaOH.)  Add  1.0  g  of  NaOH  pellets  (8-10  pellets)  and  by 
means  of  a  stirring  rod  with  a  flattened  end  continuously  stir 
the  mixture  for  20-30  seconds.  Cool  the  mixture,  add  0.5  ml  of 


Notes 

2.  A  white  amorphous  residue  of  hydrous  oxide  will  be  formed  if  tin  (or 
much  titanium  or  silicon)  is  present  in  the  alloy;  a  red-brown  residue  may  be 
formed  with  high  vanadium  alloys.  Any  residue  should  be  thoroughly  broken 
up  in  order  to  avoid  leaving  enclosed  original  alloy.  If  the  original  alloy  has 
been  completely  decomposed  a  mixture  containing  a  residue  should  be  treated 
as  if  the  alloy  had  dissolved.  Alloys  containing  carbon  may  give  a  dark  col- 
loidal suspension  after  complete  decomposition  by  the  nitric  acid.  This  fact 
should  be  noted  and  the  suspension  treated  as  if  the  alloy  had  dissolved. 

3.  The  formation  of  a  white  precipitate  on  addition  of  the  HC1  indicates 
the  presence  of  silver.  The  AgCl  thus  formed  will  be  mostly  dissolved  during 
the  treatment  with  chlorate  in  this  procedure  and  in  P.  11.  The  chloride  is 
slowly  oxidized  to  chlorine  by  the  chlorate. 
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10  F  (30%)  H202,  and  stir  as  before.  Add  7  ml  of  water,  and 
gently  boil  the  solution  until  the  volume  is  approximately  6  ml 
as  determined  by  comparison  with  6  ml  of  water  in  a  similar 
beaker.  If  small  bubbles  of  oxygen  are  still  forming,  continue 
boiling  until  they  cease;  add  water  to  maintain  the  volume  at 
6  ml  (Note  4). 

Treat  the  mixture  as  directed  in  P.  3,  beginning  with  the  section 
entitled  "Separation  of  the  Basic  Element  Group  by  Centrifuga- 
tion,"  p.  201. 

Note 

4.  When  titanium  is  present,  a  soluble,  slowly  decomposing  peroxy  com- 
pound is  formed.  Complete  precipitation  of  the  titanium  will  not  be  obtained 
until  this  compound  is  decomposed  and  all  the  peroxide  removed. 


PROCEDURE   5 

TREATMENT  OF  SOLUTIONS 

Discussion.  Only  aqueous  solutions  of  inorganic  compounds  will  be 
considered,  since  the  analysis  of  solutions  which  may  contain  organic 
compounds  as  either  solvent  or  solute  is  beyond  the  scope  of  this  text. 
Solutions  may  vary  enormously  in  their  content  of  dissolved  solid 
material;  therefore  a  small  volume  is  first  evaporated  to  dryness  and 
the  residue  weighed  so  that  the  proper  volume  can  be  taken  for 
analysis. 

The  appropriate  volume  of  solution  is  made  alkaline  in  order  to 
avoid  loss  of  volatile  acids;  this  alkaline  solution  is  then  evaporated  to 
dryness,  and  the  residue  is  fused  with  NaOH,  NaN03,  and  Na2C03  as 
is  a  solid  sample. 

P.  5.     instructions.     Treatment  of  Solutions 

Note  and  record  the  physical  characteristics  of  the  solution, 
such  as  color,  odor,  or  presence  of  any  turbidity  or  solid  residue. 
Weigh  a  clean,  dry  50  ml  beaker  to  ±2  mg  (Note  1,  P.  2). 
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Measure  into  the  beaker  5  ml  of  the  solution  to  be  analyzed. 
Test  the  pH  of  the  solution.  If  the  pH  is  not  greater  than  8-9, 
add  6  F  NH4OH  until  that  value  is  exceeded. 

Evaporate  the  solution  until  the  volume  is  1-2  ml,  then  place 
the  beaker  on  a  water  bath  and  leave  it  there  until  a  dry  residue 
is  obtained.  Dry  the  outside  of  the  beaker  and  allow  it  to  cool. 
Weigh  the  beaker  and  contents. 

Calculate  that  volume  of  the  solution  which  contains  100  mg 
of  solid  material.  Measure  this  calculated  volume  of  solution  into 
a  150  ml  beaker.  If  the  calculated  volume  is  greater  than  30-40  ml, 
add  the  solution  in  25  ml  portions  and  evaporate  to  10-15  ml 
before  adding  the  next  portion.  This  process  minimizes  bumping 
when  the  solution  is  evaporated.  Add  6  F  NaOH  until  a  pH  greater 
than  9  is  obtained.  Evaporate  the  solution  until  the  volume  is 
2-3  ml;  place  the  beaker  on  a  water  bath,  and  leave  it  there  until 
a  dry  residue  is  obtained. 

Fusion  of  the  Sample.  Assemble  the  required  apparatus  as  di- 
rected in  P.  2. 

Weigh  0.10  g  of  Na2C03  and  spread  it  over  the  bottom  of  the 
crucible. 

Weigh  0.40  g  of  Na2C03,  add  it  to  the  beaker  containing  the 
residue,  and  thoroughly  mix  it  with  the  residue.  Incline  the  beaker 
over  the  crucible  and  transfer  as  much  as  possible  of  the  solid  to 
the  crucible.  Use  a  dry  nickel  spatula  to  remove  the  residue  from 
the  side  and  bottom  of  the  beaker,  to  mix  it  with  the  Na2C03, 
and  to  transfer  the  mixture  to  the  crucible.  Add  a  0.50  g  portion 
of  Na2C03  to  the  beaker,  mix  with  it  any  remaining  residue,  and 
similarly  transfer  this  to  the  crucible. 

Weigh  or  measure  out  0.50  g  of  dry  NaN03  powder  (second 
paragraph,  Note  1,  P.  2)  and  add  it  to  the  mixture  in  the  crucible. 

Similarly  weigh  and  add  to  the  crucible  1.0  g  (8-10  pellets) 
of  dry  NaOH  pellets.  {Note  3,  P.  2.) 

Proceed  as  directed  in  P.  2,  beginning  with  the  section  entitled 
"Fusion  of  the  Sample,"  p.  195. 
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Tabular  Outline  4 


Separation  of  the  Basic  Element 
Group  into  Subgroups 


Fusion  Residue:  Fe203,  Mn02,  Ti02    The  Titanium  Group 

BaC03,  CaC03,  MgC03,  and  Mg(OH)2    The  Alkaline  Earth  Group 
Ag20,  Ag,  CuO,  NiO     The  Metal  Ammine  Group     [Pb02;  Sn02] 

P.  11.  Treat  with  HN03  and  NaCl03 

Precipitate:  Mn02,  [Pb02,  SnOJ.  Gas:  Cl2,  C102 

Solution:  TiO++,  Fe+++,  Ba++,  Ca++,  Mg++  Ag+,  Cu++,  Ni++,  H+ 

Neutralize.  Add  CH3C00II  and  CH^COONHa.    Heat 


Precipitate : 

Fe>03,  CH3COOFeO, 
Mn02,  Ti02 
[Pb02,  SnO,] 

The  Titanium  Group 


Solution: 

Ba++,  Ca++,  Mg++  Ag+,  Cu++,  Ni++;  NH4+,  CH3COOH, 
CH3COO- 
P.  21.  Add  XHtOH  and  (ATtf4)2C03 


Precipitate: 

BaC03,  CaC03, 
MgC03,  Mg(OH)2 

The  Alkaline  Earth 
Group 


Solution: 

Ag(NH3)2+  Cu(NH3)4++; 
Ni(NH3)4++;  CH3COO",  OH~ 
NH4OH,  C03= 
P.  31.  Add  XaOII.  Boil  out  all  NH3 


Precipitate: 

Ag20,  CuO,  Ni(OH)2 

The  Metal  Ammine 
Group 


Solution: 
Discard 


Analysis  of  the  Basic  Element  Group 

Separation  of  the  Basic  Element  Group 
into  Subgroups 


Discussion.  There  are  so  many  Basic  Group  elements  that  it  is  ad- 
vantageous first  to  separate  them  into  subgroups.  The  first  subgroup, 
called  the  Titanium  Group,  is  separated  by  precipitating  the  hydrous 
oxides  of  Mn(IV),  Ti(IV),  and  Fe(III)  from  a  solution  having  apH 
of  approximately  5. 

The  second  subgroup,  called  the  Alkaline  Earth  Group,  is  separated 
by  precipitating  barium  and  calcium  as  carbonates,  and  magnesium 
as  a  mixture  of  carbonate  and  hydroxide,  from  an  ammoniacal  solution. 

Ag(I),  Ni(II),  and  Cu(II)  are  prevented  from  precipitating  with  the 
Alkaline  Earth  Group  by  adding  sufficient  ammonia  to  the  solution  to 
form  the  ammine  complex  cations  of  these  elements.  These  three 
elements  are  precipitated  as  their  hydrous  oxides  by  adding  an  excess 
of  sodium  hydroxide  to  the  solution  and  boiling  out  the  ammonia. 
They  are  called  the  Metal  Ammine  Group. 

The  chemistry  involved  in  these  separations  is  shown  in  Tabular 
Outline  4;  the  procedure  sequence  is  shown  in  Flow  Sheet  2. 
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FLOW  SHEET  2 


Procedure  Sequence  for  the  Separation 
of  the  Basic  Element  Group  into  Sub- 
groups 


Residue  from  P.  3.  Basic  Ele- 
ment Group 


P.  11.  Precipitation  of  Tita- 
nium Group.  Treat  with  IIN03 
and  NaClOi 

Partly  neutralize.  Add 
CHtCOONHi 


I 

(Solution) 

I 


P.  21.  Precipitation  of  Alka- 
line Earth  Group 

Add  NHtOH  and  (NH4)2C03 


I 

(Solution) 

I 


P.  31.  Precipitation  of  Metal 
Ammine  Group 

Add  NaOH.  Boil 


I 

(Solution) 

I 


Discard 


(Residue) 


(Precipitate) 


(Precipitate) 


Titanium  Group 
Treat  %  P.  12 

FLOW    SHEET    3 


Alkaline  Earth  Group 

Treat  by  P.  22 

FLOW    SHEET    4 

Metal  Ammine  Group 
Treat  by  P.  32 

FLOW    SHEET    5 


P.  41.  Soluble  Basic  Elements 

(Na  and  K).  Use  separate  sam- 
ple 


FLOW    SHEET 


Separation  of  the  Titanium  Group 
(Fe,  Mn,  Ti)  P.  11 


PROCEDURE    11 

SEPARATION  OF  THE  TITANIUM  GROUP 
FROM  THE  ALKALINE  EARTH  AND  METAL 
AMMINE  GROUPS 

Discussion.  In  this  procedure  Fe(III),  Mn('IY),  and  Ti(IV)  are 
caused  to  hydrolyze  and  to  precipitate  as  hydrous  oxides  from  a  solu- 
tion buffered  to  a  pH  of  approximately  5  by  means  of  an  acetic  acid- 
acetate  buffer  system.  (Fe(III)  is  precipitated  in  part  as  basic  acetate.) 
The  uni-  and  bipositive  metals  of  the  Alkaline  Earth  and  Metal 
Ammine  Groups  are  not  precipitated  under  these  conditions.  See 
Tabular  Outline  4. 

In  order  to  accomplish  this  separation,  use  is  made  of  the  fact  that 
the  charge  on  an  element,  as  indicated  by  its  oxidation  state,  has  a 
pronounced  effect  on  the  acid-base  forming  properties  of  that  element. 
(This  effect  was  discussed  in  Chapter  6.)  Of  the  basic  elements  included 
in  this  system,  only  iron,  manganese,  and  titanium  are  stable  under 
ordinary  conditions  in  oxidation  states  exceeding  +2.1  Barium,  calcium, 
and  magnesium  are  in  the  second  row  of  the  periodic  system  and  are 
so  basic  that  their  hydroxides  are  highly  ionized.  As  a  result,  the  salts 
which  these  hydroxides  form  with  strong  acids  are  not  extensively 
hydrolyzed  in  aqueous  solutions. 

The  hydroxides  of  Ag(I),  Cu(II),  and  Ni(II)  are  not  as  highly  ion- 
ized as  are  those  of  the  Alkaline  Earth  Group  elements;  consequently 
their  salts  hydrolyze  to  a  limited  extent  in  aqueous  solutions  as  follows: 

1  Oxides  of  bi-  and  tripositive  silver  and  of  quadripositive  nickel  can  be  prepared;  when 
treated  with  nitric  acid  these  oxides  dissolve,  with  evolution  of  oxygen,  and  solutions  of  uni- 
positive  silver  and  bipositive  nickel  are  obtained.  Alkaline  solutions  of  tripositive  copper  have 
been  prepared,  but  acidification  of  such  solutions  results  in  the  evolution  of  oxygen,  and  bipositive 
copper  is  found  in  solution. 
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M+  +  HOH  =  MOH  +  H+ 
M+  +  +  HOH  =  M(OH)+  +  H+ 
M(OH)+  +  HOH  =  M(OH)2  +  H+ 

However,  the  hydrogen  ion  which  is  formed  as  a  result  of  these  hy- 
drolysis reactions  prevents  the  process  from  proceeding  to  such  an 
extent  that  precipitation  of  the  hydroxides  takes  place.  In  fact,  ex- 
periments have  shown  that  even  if  the  hydrogen  ion  concentration  of 
the  solution  is  kept  at  such  a  low  value  as  approximately  10-6  molar, 
by  means  of  a  suitable  buffer  system,  the  hydroxides  of  the  Metal 
Ammine  Group  elements  do  not  precipitate. 

The  same  considerations  apply  to  ferrous  and  manganous  hydroxides 
and  aqueous  solutions  of  their  salts.  However,  upon  oxidation  to  the 
tripositive  state,  the  increased  charge  on  the  metal  ion  results  in  the 
formation  of  more  stable  electron  pair  bonds  with  hydroxyl  ion;  this 
results  in  less  ionization  of  the  hydroxide,  and  decreased  solubility  of 
the  hydrous  oxides.  Consequently  if  a  ferric  salt  is  dissolved  in  water 
and  the  solution  buffered  to  a  />H  of  3-4,  quantitative  precipitation  of 
the  hydroxide  or  hydrous  oxide  takes  place.  The  series  of  steps  occur- 
ring in  this  process  can  be  represented  as  follows : 

Fe+++  +  HOH  =  Fe(OH)++  +  H+ 
Fe(OH)++  +  HOH  =  Fe(OH)2+  +  H+ 
Fe(OH)2+  +  HOH  =  Fe(OH)3(»  +  H+ 
These  reactions  also  can  be  represented  in  terms  of  the  hydrated  ferric 
ions  as  follows: 

Fe(H20)6+++  =  Fe(H20)5OH++  +  H+ 

Fe(H20)5OH++  =  Fe(H20)4(OH)2+  +  H+ 
Fe(H20)4(OH)2+  =  Fe(H20)8(OH)3(s)  +  H+ 
The  same  reactions  take  place  with  manganic,  Mn(III),  salts  but  the 
process  is  complicated  by  the  tendency  of  tripositive  manganese  to 
undergo  simultaneous  oxidation  and  reduction  to  the  bi-  and  quadri- 
positive  states. 

If  manganese  is  oxidized  to  the  quadripositive  state  this  tendency 
towards  bond  formation  with  oxygen  electron  pairs  becomes  so  strong 
that  manganese  dioxide  is  precipitated  even  from  concentrated  nitric 
acid.  Indeed,  manganese  dioxide  is  unique  in  being  so  devoid  of  either 
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acidic  or  basic  character  that  it  can  be  quantitatively  precipitated 
from  concentrated  solutions  of  either  strong  acids  or  strong  bases. 
When  oxidized  to  the  +6  or  +7  state,  manganese  becomes  strongly 
acidic  in  its  properties  and  both  H2Mn04  and  HMn04  are  strong  acids. 
Titanium (IV)  is  intermediate  in  character  between  ferric  iron  and 
manganese(IV),  and  titanium  dioxide  is  soluble  to  only  a  limited  ex- 
tent in  concentrated  solutions  of  strong  acids,  provided  no  complex 
ion  formation  is  involved.  Table  5  shows  the  pH  values  at  which  the 
oxides  and  hydroxides  of  certain  elements  are  precipitated. 

TABLE  5     Approximate  Precipitation  pH  of  the  Oxides 
and  Hydroxides  of  Certain  Elements 

The  values  below  show  the  approximate  pH  at  which  precipitation  is  obtained. 
This  pH  value  and  the  completeness  of  the  precipitation  is  dependent  upon  the 
temperature,  the  presence  of  complex-forming  ions,  rates  of  hydrolysis,  and  the 
formation  of  stable  colloidal  systems. 


Element  and 

Precipitation 

Oxidation  State 

pH 

Precipitation  Media 

Si(IV) 

<1 

Cone.  HC1,  HN03,  H2S04,  HC104 

Sb(V),  Sn(IV) 

<1 

Cone.  HN03,  HCIO4 

Mn(IV),  Pb(IV) 

<1 

Cone.  HNO3  or  HC104  with  oxi- 
dizing action 

Bi(III),  Sb(III) 

2-3 

The  hydrous  oxides  of  these  ele- 

Ti(IV), Fe(III),  Sn(II) 

3-4 

ments  are   commonly   separated 

Al(III),  Cr(III) 

5-6 

from  those  of  the  elements  below 

by  precipitation  from  buffer  sys- 
tems such  as:  NH4+— NH4OH, 
acetic  acid — acetate,  and  benzoic 
acid — benzoate 


Fe(II),  Cu(II),  Pb(II) 

6-7 

Cd(II),  Zn(II),  Ni(II),  Co(II) 

7-8 

Mn(II) 

8-9 

Mg(II) 

9-11 

The  residue  which  has  resulted  from  the  treatment  of  the  fusion 
mixture  with  water  in  P.  3  comprises  the  Basic  Element  Group.  In 
the  procedure  below,  this  residue  is  first  treated  with  nitric  acid  in 
order  to  dissolve  the  oxides  and  carbonates  of  the  Alkaline  Earth  and 
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Metal  Ammine  elements.  The  elements  of  the  group  will  be  present 
in  the  residue  as  the  following  compounds:  Mn02,  dark  brown;  Ti02, 
white;  Fe203,  brown;  alkaline  earth  carbonates  and  hydroxides,  white; 
Ag20,  grey-brown ;  Ag  metal,  black  when  finely  divided;  NiO  and  CuO, 
black.  Manganese  will  be  present  in  the  fusion  mass  as  Mn02  and 
Na2Mn04  and  therefore  hydrogen  peroxide  was  used  in  P.  3  to  cause 
the  reduction  of  soluble  manganate  to  Mn02.  When  the  residue  is 
treated  with  HN03  any  nitrite  or  peroxide  which  has  not  been  removed, 
or  any  oxides  of  nitrogen  which  are  formed,  would  reduce  manganese 
dioxide  and  the  resultant  Mn(II)  would  dissolve  in  the  HN03.  For 
this  reason  NaC103  is  added  to  reoxidize  and  precipitate  this  man- 
ganese as  the  dioxide.  With  the  exception  of  manganese  and  titanium 
dioxides,  the  oxides  and  carbonates  of  the  Basic  Group  elements  are 
dissolved  by  the  nitric  acid.  Titanium  dioxide  dissolves  slowly  and 
only  small  quantities  will  dissolve  completely.  Silver  will  be  present 
in  the  residue  as  a  mixture  of  metal  and  oxide,  since  Ag20  is  unstable 
above  300°.  Silver  metal  will  be  oxidized  and  dissolved  by  the  nitric 
acid. 

The  acid  solution  is  then  buffered  to  a  pH  of  approximately  5  in 
order  to  cause  the  hydrolysis  and  precipitation  of  titanium  and  iron. 
The  solution  is  first  neutralized  with  ammonia;  this  and  subsequent 
reagents  should  be  chloride-free  to  avoid  the  precipitation  of  silver. 
After  neutralizing  the  solution,  exactly  0.2  ml  of  6  F  CH3COOH  and 
1  ml  of  3  F  CH3COONH4  are  added.  In  order  to  make  an  approximate 
calculation  of  the  resulting  hydrogen  ion  concentration,  you  can  utilize 
the  fact,  pointed  out  in  Section  I  of  this  book,  that  in  any  solution  of 
a  weak  acid  and  its  salt  the  hydrogen  ion  concentration  can  be  calcu- 
lated from  the  expression 

[H+]  =  [Pj  •  KA 

or  for  an  acetic  acid-acetate  system 

ru+i   _-   [CH3COOH]   v  1  o  v  10-5 

[H  ]  ~   [CH3COO]   X  L8  X  10 

You  can  substitute  for  the  ratio  of  concentrations  the  ratio  of  moles, 
and  therefore,  since  in  the  solution  under  discussion  there  are  0.2  X 
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6  =  1.2  nimoles  of  CH3COOH  and  1  X  3  =  3  mmoles  of  CH3COO-, 
the  [H+]  is  calculated  as  follows: 

[H+]  =  J|  X  1.8  X  10-5  =  7.2  X  10-6 
3.0 

For  more  exact  calculations,  if  we  let  v  be  the  volume  of  the  solution 
in  milliliters,  the  expression  would  be, 

^  -  IZ ; [£] x  L8  x  io"S; 

the  numerator  above  thus  represents  the  final  molar  acetic  acid  con- 
centration and  the  denominator  the  final  molar  acetate  ion  concentra- 
tion. For  approximate  calculations  the  equilibrium  [H+]  will  usually 
be  negligible  compared  to  [CH3COOH]  and  [CH3COO-],  as  it  is  in 
this  instance.  The  general  discussion  of  buffer  systems  given  in  Chapter 
3  of  Section  I  (p.  38)  and  that  in  your  general  chemistry  text  should 
be  reviewed. 

After  the  Titanium  Group  elements  are  precipitated  and  washed,  the 
precipitate  should  be  treated  immediately  with  sulfuric  acid.  If  it  is 
allowed  to  stand  and  become  dry,  the  hydrous  oxides  are  much  more 
difficult  to  dissolve. 

P.  11.     instructions.     Separation  of  the  Titanium  Group 

from  the  Alkaline  Earth  and  Metal 
Ammine  Groups 

Solution  of  the  Alkaline  Earth  and  Metal  Ammine  Group  Metals. 
To  the  fusion  residue  (obtained  by  P.  3  and  contained  in  a  15  ml 
test  tube)  add  2  ml  of  16  F  HN03.  Swirl  the  mixture  or  stir  it  with 
a  paddle-shaped  stirring  rod  until  the  residue  is  suspended  {Note 
1),  then  pour  the  mixture  into  a  50  ml  conical  flask.  Be  sure  that 

Note 

1.  Evidence  as  to  the  elements  present  may  be  obtained  from  the  color 
of  the  fusion  residue  and  its  behavior  with  HNO3;  see  the  Discussion. 

In  some  cases,  when  tin  is  a  constituent  of  the  sample,  a  resistant  form  of 
SnC>2  will  be  produced  in  the  melt,  will  remain  with  the  fusion  residue,  and 
will  not  be  dissolved  by  the  HN03  here  or  the  H2SO4  used  in  P.  12.  Some  of 
the  lead  may  be  present  as  dark  Pb02  and  may  partially  dissolve  in  the 
HNO3. 
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all  precipitate  is  removed  from  the  tube.  (White  residue,  probable 
presence  of  large  quantities  of  titanium ;  dark  brown  or  black  residue, 
probable  presence  of  manganese.) 

Precipitation  of  Manganese  as  Dioxide.  Add  a  50  mg  portion  of 
NaC103  (this  quantity  just  covers  the  rounded  tip  of  a  7  mm  spat- 
ula blade).  Constantly  swirl  the  solution  (Warning,  read  Note  2), 
and  then  heat  it  almost  to  boiling  for  20-30  seconds.  After  the 
NaC103  has  dissolved  and  no  further  action  appears  to  be  taking 
place,  add  in  the  same  way  a  second  50  mg  portion  of  the  chlorate. 
Again  constantly  swirl  the  solution  and  evaporate  it  under  a  hood 
by  means  of  a  small  flame  (2-4  cm)  to  a  volume  of  1  ml;  estimate 
this  volume  by  comparison  with  1  ml  of  water  in  a  50  ml  flask.  (A 
white  crystalline  precipitate  of  certain  metallic  nitrates,  for  ex- 
ample Ba(N03)2,  may  form  in  this  small  volume  of  concentrated 
HN03  and  can  be  ignored.)  Finally  add  3  ml  of  water  and  heat 
again  for  1  minute.  (Dark  brown  or  black  residue  or  precipitate, 
presence  of  manganese.  White  precipitate,  see  Note  3.) 

Precipitation  of  Titanium  and  Iron.  Slowly  add  2  ml  of 
6  F  NH4OH  to  the  nitric  acid  solution  (swirl  the  solution  and  add 
the  first  0.5  ml  dropwise  down  the  side  of  the  flask  to  avoid 
spattering).  Test  the  solution  with  wide-range  pH  paper;  then  add 
6  F  NH4OH  or  6  F  HN03  in  three-drop  portions  as  required  to  ob- 
tain a  pH  of  2-4  (Note  4).  Add  0.2  ml  of  6  F  CH3COOH  (the  pR 


Notes 

2.  Superheating,  with  consequent  "bumping"  and  spattering,  is  likely  to 
occur  unless  such  solutions  are  kept  constantly  in  motion  while  they  are  being 
heated.  Always  hold  the  flask  in  such  a  position  that,  should  spattering  occur, 
the  hot  acid  will  not  be  thrown  into  your  face  or  eyes  or  those  of  another 
person.  (See  Heating  Solutions,  p.  157.) 

If  an  excessive  quantity  of  NaC103  is  added,  CIO2,  an  unstable  yellowish 
gas,  may  collect  above  the  solution  and  cause  an  explosion. 

3.  When  silver  is  present,  traces  of  chloride  from  contaminated  reagents 
or  water  will  cause  a  small  white  precipitate  of  silver  chloride  upon  addition 
of  the  chlorate,  or  upon  dilution  of  the  solution.  Such  a  small  precipitate 
either  can  be  disregarded  since  it  will  not  interfere  with  the  subsequent 
analysis,  or  it  can  be  filtered  out  and  treated  by  P.  33. 

4.  Precipitation  of  iron  and  titanium  may  occur  during  this  neutralization. 
Do  not  attempt  to  redissolve  these  precipitates. 
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should  be  less  than  3),  then  add  1  ml  of  3  F  CH3COONH4  (the  pK 
should  be  4-6,  otherwise  see  Note  5).  Swirl  the  solution  vigorously, 
heat  it  to  gentle  boiling  for  2  minutes — vigorous  boiling  can  cause 
loss  by  foaming.  (Precipitate  or  residue,  presence  of  Titanium 
Group  elements.) 

If  there  is  no  precipitate  or  residue,  cool  the  solution,  transfer 
it  to  a  25  ml  graduate,  and  treat  it  by  the  third  paragraph  below 
which  begins  "Add  water  .  .  .  ." 

If  the  Titanium  Group  is  present,  pour  the  mixture  into  a  test 
tube  (caution — this  solution  is  hot).  Wash  any  residue  from  the 
flask  with  1-4  ml  of  water  added  in  1  ml  portions.  Centrifuge  the 
mixture.  If  the  solution  above  the  precipitate  is  not  perfectly 
clear  (that  is,  free  of  turbidity — a  green  or  bluish  color  may  be 
present),  mix  the  precipitate  with  the  solution  by  means  of  a 
stirring  rod,  heat  the  mixture  for  an  additional  2-3  minutes,  but 
do  not  boil  it,  and  again  centrifuge. 

Transfer  the  centrifugate  to  a  25  ml  graduate.  Add  2  ml  of  water 
to  the  residue  in  the  tube,  mix  the  contents  thoroughly,  and  heat 
the  tube  almost  to  boiling.  Again  centrifuge,  then  similarly  trans- 
fer this  wash  solution  to  the  graduate;  repeat  this  treatment  with 
a  second  2  ml  portion  of  water. 

Add  water  to  the  graduate  until  the  volume  is  exactly  20  ml. 
Mix  the  solution  by  repeatedly  pulling  it  into  the  empty  dropper 
and  expelling  it  near  the  bottom  of  the  graduate.  By  means  of 
the  dropper,  transfer  just  10  ml  of  the  solution  to  a  50  ml  conical 
flask;  stopper  the  flask  with  a  clean  rubber  stopper,  and  label  it 
"  To  P.  21."  Pour  the  remainder  of  the  solution  into  a  15  ml  test 
tube,  stopper  it,  and  label  it  "To  P.  21,  Reserve  Portion."  Reserve 
these  solutions  until  after  the  analysis  of  the  precipitate,  then 
treat  the  portion  in  the  flask  by  P.  21  (the  "Reserve  Portion"  is 
used  only  in  case  of  accidental  loss  of  the  first  portion) . 

Add  to  the  precipitate  4  ml  of  9  F  H2S04.  Treat  the  mixture 
by  P.  12. 

Note 

5.  If,  after  addition  of  acetate,  the  pH  is  less  than  4,  add  6  F  NH4OH  drop- 
wise  until  the  pH  is  4-6.  Mix  the  solution  thoroughly  and  test  the  pR  after 
each  drop. 
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Tabular  Outline  5 


Analysis  of  the  Titanium  Group 


(See  Tabular  Outline  4,  p.  210.  for  the  separation  of  the  Titanium  Group) 


Group  Precipitate:  Fe203,  CH3COOFeO,  Ti02,  Mn02 

P.  12.  Treat  with  IhSO*,  Ara2S04,  and  KN02.     Boil  out  NO  and  N02 
(TiS04++,  FeS04+,  Mn++) 
Dilute  to  10  ml  and  analyze  separate  portions 


— 1  ml  portion — 

— 1  ml  portion — 

— .5  ml  portion — 

P.  13.  Dilute.  Add  KSCN 

P.  14.  Dilute.  Add  NaBi03 

P.  15.  Add  II202 

Red  color:  Fe(SCN)2+ 

Purple  color:  Mn04~ 

(Add  H3PO4  if  Fe  is  pres- 

Match color  with   known 

Match  color  with  known 

ent) 

ferric  iron  solution 

permanganate  solution 

Orange  color :  H2Ti04 
Match  color  with  known 
titanium  solution 

Analysis  of  the  Titanium  Group 
(Fe,  Mn,  Ti)  P.  12-15 


PROCEDURE    12 

PREPARATION  OF  A  SOLUTION  OF  THE 
TITANIUM  GROUP 

Discussion.  In  most  of  the  conventional  systems  of  qualitative  an- 
alysis each  element  is  finally  separated  from  the  others.  This  principle 
is  not  used  here  for  the  analysis  of  the  Titanium  Group,  but  instead 
the  detection  and  estimation  of  each  element  is  made  on  separate  por- 
tions of  the  group  solution  (see  Tabular  Outline  5). 

This  departure  from  standard  practice  is  easier  and  faster,  and  is 
made  possible  because  of  the  existence  of  compounds  of  iron,  man- 
ganese, and  titanium  so  intensely  colored  that  they  can  be  used  for 
the  detection  of  these  elements  on  separate  portions  of  the  group  solu- 
tion without  undesirable  loss  of  sensitivity.  In  addition,  an  estimate  of 
the  quantity  of  each  element  can  be  made  by  comparing  the  intensity 
of  the  colored  solutions  produced  with  similar  solutions  containing 
known  quantities  of  each  element. 
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FLOW  SHEET  3 


Procedure  Sequence  for  the  Analysis 
of  the  Titanium  Group 


P.  11.  Precipitation  of  Titanium  Group 


I 

(Titanium  Group  Precipitate) 

I 


P.  12.  Solution  of  Titanium  Group 

Trent  precipitate  with  TL2SOi.  NajSO^,  and 
KNOi 

Dilute  the  solution 


-(Divide  Solution)- 


P.  13.    1  ml  portion 

Detection    and    Estima- 
tion of  Iron 

Add  KSCX 


P.  14.   1  ml  portion 

Detection    and   Estima- 
tion of  Manganese 

Add  XaBi03 


P.  15.  5  ml  portion 

Detection   and   Estima- 
tion of  Titanium 

Add  moz 
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Colorirnetric  Estimations 

If  two  beams  of  light  of  the  same  intensity  pass  through  two  solu- 
tions containing  a  light-absorbing  substance  and  the  same  amount  of 
light  is  absorbed  in  each,  then  the  product  of  the  length  of  the  light 
path  (/)  in  one  solution  times  the  concentration  (c)  of  the  absorbing 
substance  in  that  solution  must  be  equal  to  that  product  for  the  other 
solution.  That  is,  using  subscripts  1  and  2  for  two  different  solutions, 
cJi  —  Col2.  This  will  be  true,  however,  only  if  the  intensities  of  the 
light  beams  incident  upon  the  two  solutions  are  the  same.  For  this 
reason,  care  should  be  taken  to  ensure  that  the  test  tubes  used  in  these 
procedures  are  clean  and  that  the  viewing  background  for  each  is  the 
same. 

When  calculating  the  amounts  of  the  Titanium  Group  elements 
present  in  the  following  procedures,  it  is  simplest  to  view  the  two  tubes 
(containing  the  unknown  and  the  comparison  solutions)  lengthwise, 
and  then,  when  the  intensities  of  the  colors  in  the  two  are  matched, 
conclude  that  the  amount  (not  concentration)  of  absorbing  material 
in  one  tube  is  equal  to  that  in  the  other.  (This  assumes  the  two  tubes 
have  the  same  diameters.)  This  avoids  any  measurement  of  path  length 
with  its  attendant  uncertainty.  You  may,  however,  view  the  tubes 
from  the  side  and  then  when  the  intensities  are  equal  apply  the  equa- 
tion given  above,  again  assuming  that  the  sizes  of  the  two  tubes  are 
equal.  This  is  a  less  accurate  method  because  of  uneven  reflections 
from  the  sides  of  the  tubes  and  uncertain  path  lengths.  In  addition, 
since  the  equation  gives  results  in  concentration  units,  the  volumes  of 
the  solutions  must  be  known  before  the  amount  of  material  present  can 
be  determined. 

Dissolving  the  Titanium  Group 

The  Titanium  Group  precipitate  is  first  treated  with  9  F  sulfuric  acid 
(P.  11)  and  then,  if  there  is  a  residue,  sodium  sulfate  is  added.  This 
solution  is  effective  in  dissolving  the  titanium  and  iron  oxides  because 
of,  first,  the  effect  of  the  hydrogen  ion,  and,  second,  the  formation  of 
sulfate  complex  ions  such  as  TiS04++  and  FeS04+;  other  complexes 
are  present  in  various  quantities.  Hydrochloric  acid  could  be  similarly 
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used;  however,  chloride  ion  would  interfere  because  of  the  intense 
yellow  color  of  the  chloride  complexes  with  ferric  iron,  and  also  because 
chloride  would  reduce  the  bismuthate  added  in  P.  14. 

Large  quantities  of  iron,  but  only  small  amounts  of  manganese  or 
titanium,  will  dissolve  in  the  sulfuric  acid  alone;  addition  of  the  Na2S04 
is  unnecessary  if  all  the  precipitate  dissolves.  A  dark  residue  from  the 
H2S04-Na2S04  treatment  indicates  the  presence  of  manganese.  If  such 
a  residue  remains,  KN02  is  added  to  reduce  and  dissolve  the  Mn02. 
The  reaction  taking  place  can  be  represented  as  follows: 

MnO20)  +  NOr  +  2H+  =  Mn++  +  N03-  +  H20 

P.  12.     instructions.     Solution  of  the  Titanium  Group 

Precipitate 

Vigorously  swirl  the  sulfuric  acid  mixture  from  P.  11  and  warm 
it  gently — do  not  heat  it  to  boiling!  If  a  clear  solution  is  obtained 
proceed  to  the  last  paragraph  of  this  procedure  (Note  1). 

If  there  is  a  residue,  add  3  g  of  Na2S04-  10H2O.  Stir  the  mixture 
with  a  paddle-shaped  stirring  rod  until  the  Na2S04  crystals  are 
dissolved;  then  heat  the  solution  with  a  small  flame  (2-4  cm)  for 
2-3  minutes;  the  mixture  must  not  be  boiled  and  must  be  vigorously 
and  continuously  swirled  or  spattering  will  occur.  If  a  clear  solution 
is  obtained,  or  only  a  white  residue  remains,  proceed  to  the  last 
paragraph  of  this  procedure. 

If  there  is  a  dark  residue,  cool  the  mixture,  and  add  1  ml  of 
water,  dropivise  and  down  the  side  of  the  tube.  Add  6  F  KN02, 
one  drop  at  a  time  and  down  the  side  of  the  tube,  until  the 
solid  dissolves  or  is  no  longer  dark  colored  (do  not  add  more 
than  6  drops).  Swirl  the  mixture  after  each  drop  of  KN02  as 

Note 

1.  Any  silica  present  in  the  residue  because  of  inadequate  washing  of  the 
Basic  Element  precipitate,  or  introduced  by  impure  reagents,  will  remain 
as  a  finely  dispersed  white  precipitate.  When  tin  or  lead  are  present  a  small 
proportion  may  remain  with  the  fusion  residue  as  a  white  or  brownish  precipi- 
tate. Such  precipitates  can  be  neglected  if  small  and  colloidal,  since  they  will 
not  interfere  with  the  subsequent  analysis  for  the  elements  of  this  group;  if 
of  significant  size,  they  should  be  treated  as  directed  in  Note  3  below. 
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long  as  any  reaction  takes  place;  avoid  an  excess  of  the  KN02. 

Heat  the  solution  until  any  brown  fumes  are  expelled  (Note  2) ; 
swirl  vigorously  and  do  not  boil.  If  there  is  a  residue,  centrifuge 
the  mixture.  Discard  the  residue  or  treat  it  by  Note  3. 

Dilute  the  solution  to  5  ml.  Cool  the  solution  and  pour  it  into 
a  10  ml  graduate.  Rinse  out  the  test  tube  with  a  2  ml  portion  of 
water;  add  this  to  the  graduate,  then  add  water  with  a  dropper 
until  the  volume  is  exactly  10  ml.  Transfer  the  solution  from 
the  graduate  to  a  15  ml  test  tube,  then  swirl  the  solution  until  it  is 
completely  mixed.  Label  the  tube.  Treat  portions  of  the  solution 
by  Procedures  13,  14,  and  15. 

Notes 

2.  The  excess  of  HN02,  formed  by  addition  of  KN02  to  the  H2S04,  together 
with  any  oxides  of  nitrogen  present,  are  removed  in  order  to  prevent  oxidation 
of  the  thiocyanate  which  is  added  in  P.  13. 

3.  A  residue  in  this  solution  can  be  caused,  in  part,  by  the  following  ele- 
ments: Titanium — Under  certain  conditions,  a  large  quantity  of  titanium 
may  not  be  entirely  dissolved  by  the  sulfuric  acid  treatment.  Silver — Reagents 
which  have  become  contaminated  with  chloride,  from  hydrochloric  acid  fumes 
or  otherwise  will  cause  a  precipitate  of  silver  chloride.  Tin — A  resistant  grey 
or  brownish  residue  of  Sn02,  similar  to  the  mineral  cassiterite,  or  of  Pb02, 
may  remain  in  the  fusion  residue  when  large  quantities  of  tin  or  lead  are  present. 
Usually  only  small  proportions  of  these  elements  will  be  in  such  residues  and  the 
major  portions  will  be  detected  in  subsequent  procedures.  If  not  interested  in 
the  estimation  of  these  elements,  discard  the  residue  left  after  centrifugation. 
Consult  your  instructor. 

If  interested  in  the  estimation  of  these  elements,  treat  this  residue  by  the 
first  and  second  paragraphs  of  P.  12.  Centrifuge  if  there  is  a  residue. 

Treat  the  solution  separately  by  P.  15. 

Treat  the  residue  from  P.  12  by  the  first  paragraph  of  P.  33.  Centrifuge  if 
there  is  a  residue.  Treat  this  solution  by  the  second  paragraph  of  P.  33.  Treat 
the  residue  from  P.  33  by  P.  65. 

PROCEDURE    13 

DETECTION  AND  ESTIMATION  OF  IRON 

Discussion.     This  procedure  for  the  detection  of  iron  is  based  upon  the 
intense  pink  to  red  colors  of  the  complex  ions  which  are  formed  by 
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ferric  and  thiocyanate  ions.  These  complexes  can  range  in  formula 
from  cations  such  as  Fe(SCN)++  to  anions  such  as  Fe(SCN)4~,  depend- 
ing upon  the  excess  thiocyanate  ion  concentration.  Under  the  condi- 
tions described  below,  Fe(SCN)2+  is  probably  predominant. 

One  should  realize  that  the  formation  of  such  ions  is  not  a  unique 
phenomenon  but  is  the  result  of  the  tendency  of  certain  cations,  and 
especially  those  of  the  transition  elements,  to  form  coordinate  bonds 
with  electron-pair  donors.  Tripositive  iron  is  outstanding  in  this  re- 
spect, and  the  ions  Fe(OH)++  and  Fe(OH)2+,  resulting  from  the 
hydrolysis  of  ferric  salts  in  water  and  causing  the  yellow  to  brown  color 
of  such  solutions,  have  been  mentioned  previously.  Other  similar  ions 
are  FeCl++,  yellow,  and  FeBr++,  brownish.  As  the  concentration  of 
the  anion  involved  is  increased,  other  complex  ions,  such  as  FeCl2+ 
and  FeCl4_,  are  formed.  Ferric  iron  also  forms  complex  ions  in  sulfuric 
and  phosphoric  acid  solutions,  but  these  ions,  which  are  predominantly 
FeS04+  and  FeHP04+,  are  colorless. 

In  solutions  containing  a  variety  of  anions,  more  than  one  of  which 
can  form  complexes  with  a  metal  ion,  there  will  be  a  competition  for 
the  metal  ion.  The  complex  which  is  finally  formed  will  depend  on  the 
relative  concentrations  of  the  anions,  and  on  the  relative  stabilities  of 
the  complex  ions  which  can  be  formed.  For  example,  in  this  estimation 
both  sulfate  and  thiocyanate  ions  are  competing  for  the  available 
Fe+++.  Therefore,  if  an  accurate  estimate  of  the  iron  present  is  to  be 
obtained,  approximately  the  same  concentrations  of  sulfuric  acid  and 
sulfate  ion  must  be  present  in  the  comparison  and  unknown  solutions. 

P.  13.     instructions.     Detection  and  Estimation  of  Iron 

By  means  of  a  calibrated  dropper,  transfer  exactly  1  ml  of  the 
cold  H2S04  solution  of  the  Titanium  Group  (prepared  by  P.  12) 
to  a  15  ml  test  tube. 

Detection  of  Iron.  Add  just  7  ml  of  water  and  2  ml  of  1  F  KSCN. 
Swirl  the  solution.  (Pink  to  red  color,  presence  of  iron.)  (Note  1) 

Note 

1.  Insignificant  traces  of  iron  cause  perceptible  colors.  Compare  a  faint  pink 
color  with  a  known  small  quantity  of  iron  as  directed  in  the  "Estimation  of 
Tron." 
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Estimation  of  Iron.  In  case  iron  is  present,  measure  into  a  15  ml 
test  tube  1  ml  of  3  F  H2S04  and  2  ml  of  1  F  KSCN.  If  Na2S04  was 
added  in  P.  12,  add  0.3  g  of  Na2SO410H2O.  Dilute  the  solution 
to  10  ml. 

Add  iron  known  solution  (10  mg  Fe(III)  per  ml),  one  drop  at  a 
time,  until  the  color  produced  matches  that  of  the  solution  being 
analyzed;  mix  thoroughly  after  each  drop.  Look  lengthwise 
through  the  tubes  while  holding  them  side  by  side  above  a  white 
background  (Note  2). 

From  the  volume  of  the  known  iron  solution  added,  calculate 
the  milligrams  of  iron  present.  The  proper  dilution  factor  should 
be  remembered  in  calculating  the  quantity  of  iron  present  in  the 
original  sample  or  solution. 


Note 

2.  In  case  the  red  color  produced  by  one  drop  of  the  known  solution  is  more 
intense  than  that  in  the  unknown  solution,  dilute  1  ml  of  the  iron  (III)  known 
solution  to  10  nil  and  repeat  the  estimation. 

In  case  the  color  of  the  solution  being  analyzed  is  so  dark  as  to  make  an 
accurate  comparison  difficult,  which  is  true  if  more  than  2-3  drops  of  the 
iron  known  solution  have  been  required,  proceed  as  follows: 

In  a  15  ml  test  tube,  take  1  ml  of  3  F  H2S04  and  2  ml  of  1  F  KSCN.  If 
Na2S04  was  added  in  P.  12,  add  0.3  g  of  Na2S04  •  10H2O.  Dilute  the  solution  to 
9  ml.  Transfer  to  this  solution  1  ml  of  the  colored  solution  obtained  by  para- 
graph two  of  this  procedure.  Swirl  this  solution  until  it  is  mixed.  Prepare 
another  comparison  solution  as  directed  in  paragraph  three  above  and  add 
the  iron  known  solution  to  it  until  the  color  obtained  matches  the  more  dilute 
unknown  solution. 


PROCEDURE    14 

DETECTION  AND  ESTIMATION 
OF  MANGANESE 

Discussion.  Manganese  is  present  in  the  sulfuric  acid  solution  from 
P.  12  as  manganous  ion,  Mn++.  In  the  procedure  below,  sodium  bis- 
muthate  is  used  in  an  acid  solution  to  oxidize  the  Mn(II)  to  Mn(VII), 
and  the  intense  color  of  the  resulting  permanganate  ion  provides  a 
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means  for  the  detection  and  estimation  of  manganese. 

This  procedure  again  illustrates  the  effect  of  oxidation  state  on  the 
bonds,  and  therefore  the  type  of  compounds,  formed  by  an  element, 
and  also  illustrates  the  correlation  between  these  properties  and  the 
relative  position  of  an  element  in  a  given  vertical  column  of  the  periodic 
system. 

Thus,  mention  has  been  made  previously  of  the  effect  of  oxidation 
state  on  the  properties  of  manganese  and  in  this  procedure  we  have 
the  extreme  change  from  Mn(II)  to  Mn(VII).  In  the  bipositive  state 
manganese  forms  a  basic  oxide,  MnO.  On  hydration  MnO  forms  the 
hydroxide,  Mn(OH)2,  which  is  not  very  soluble  but  which  is  so  highly 
ionized  that  the  bipositive  ion  Mn++  is  very  little  hydrolyzed  in 
aqueous  solutions.  In  the  septipositive  state,  manganese  forms  the 
acidic  oxide  Mn207  which  on  hydration  forms  the  strong  acid  HMn04. 

The  behavior  of  bismuth,  which  in  its  +5  oxidation  state  is  used  as 
an  oxidizing  agent  in  this  procedure,  and  the  behavior  of  the  other 
elements  of  column  Va  of  the  periodic  system,  are  illustrative  of  the 
change  in  acid-base-forming  properties  as  one  goes  down  the  periodic 
table.  At  the  top  of  column  Va  we  find  nitrogen,  which  is  predomi- 
nantly an  acid-forming  element  even  in  its  tripositive  state.  As  we  pass 
down  this  column,  from  phosphorus  to  arsenic,  to  antimony,  to  bis- 
muth, we  find  the  tripositive  state  progressively  losing  its  acidic  char- 
acter. 

Phosphorus  trioxide  is  soluble  in  water  and  hydrates  to  give  H3P03; 
arsenic  trioxide  is  only  slightly  soluble  in  water,  and  arsenious  acid 
(KAl  —  6  X  10~10)  is  weaker  than  phosphorous  acid  (KAl  —  5  X  10~2). 
Antimony  trioxide  is  relatively  insoluble  in  water  but  dissolves  in  con- 
centrated hydroxide  solutions,  while  bismuth  trioxide  is  very  insoluble 
even  in  concentrated  hydroxide  solutions.  However,  when  oxidized  to 
the  quinquepositive  state  bismuth  still  retains  enough  acidic  character 
to  form  salts  in  alkaline  solutions  such  as  NaBi03,  sodium  meta- 
bismuthate. 

A  commercial  product  containing  this  compound  is  used  in  this 
procedure  for  the  oxidation  of  the  manganese.  The  commercial  product 
is  usually  a  mixture  of  NaBi03  and  an  oxide  having  the  empirical 
formula  Bi02;  this  latter  compound  can  be  considered  to  be  either 
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BiBi04,  bismuth  orthobismuthate,  or  BiO  Bi03,  bismuthyl  meta- 
bismuthate.  The  oxidation  reaction  can  be  formulated  as  follows: 

2Mn++  +  5HBi03  +  9H+  =  2Mn04~  +  5Bi+  +  +  +  7H20 

The  HBi03  which  is  formed  when  NaBi03  is  added  to  an  acid  solu- 
tion is  such  a  powerful  oxidizing  agent  that  it  decomposes,  with  forma- 
tion of  02  and  Bi(III),  as  shown  in  the  following  reaction: 

2HBi03  +  6H+  =  2Bi+  +  +  +  02  +  4H20 

This  reaction  becomes  very  rapid  in  hot  solutions;  therefore  in  the 
procedure  below  the  solution  should  be  cold  and  an  excess  of  the  solid 
bismuthate  added.  Permanganate  also  is  unstable  in  hot  acid  solutions, 
but  the  decomposition  reaction 

2Mn04"  +  2H+  =  2Mn02  +  |02  +  H20 

takes  place  relatively  slowly  under  the  conditions  of  this  procedure. 
However,  never  add  a  solid  permanganate  such  as  KMn04  to  con- 
centrated sulfuric  acid;  under  such  conditions  the  above  reaction 
proceeds  explosively. 

P.  14.     instructions.     Detection  and  Estimation  of 

Manganese 

By  means  of  a  calibrated  dropper,  transfer  exactly  1  ml  of  the 
H2S04  solution  of  the  Titanium  Group  (prepared  by  P.  12)  to  a 
15  ml  test  tube. 

Detection  of  Manganese.  Add  2  ml  of  3  F  H2S04  and  7  ml  of  water. 
To  the  solution  (which  should  not  be  above  room  temperature) 
add  solid  NaBi03  in  0.1  g  portions  until  some  of  the  dark  brown 
solid  remains  after  the  mixture  has  been  shaken  vigorously  for  30 
seconds.  (Purple  color,  presence  of  manganese.) 

Estimation  of  Manganese.  If  manganese  is  present,  immediately 
centrifuge  the  mixture  or  filter  it  through  an  asbestos  filter.  De- 
cant the  centrifugate  into  (or  collect  the  filtrate  in)  a  15  ml  test 
tube.  Take  2  ml  of  3  F  H2S04  and  7  ml  of  water  in  a  similar  tube, 
then  add  0.2  F  KMn04  one  drop  at  a  time  and  mixing  after  each 
addition,  until  the  color  intensity  produced  matches  that  of  the 
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solution  being  analyzed.  Look  lengthwise  through  the  tubes  while 
holding  them  side  by  side  above  a  white  background. 

From  the  volume  of  0.2  F  KMn04  solution  added,  calculate  the 
milligrams  of  manganese  in  the  original  solution  or  sample  being 
analyzed. 


PROCEDURE    15 

DETECTION  AND  ESTIMATION  OF  TITANIUM 

Discussion.  When  hydrogen  peroxide  is  added  to  an  acid  solution 
of  Ti(IV)  an  orange-colored  compound  is  formed.  This  color  is  used  in 
the  procedure  below  for  the  detection  and  estimation  of  titanium. 

Peroxide  Compounds 

Hydrogen  peroxide  forms  two  different  types  of  compounds.  First, 
there  are  metallic  peroxides,  such  as  Na202  and  Ba02,  which  can  be 
considered  to  be  metal  salts  of  the  weak  acid  H202.  As  would  be  ex- 
pected, when  treated  with  an  acid  these  compounds  yield  H202.  Second, 
there  are  complex  compounds,  called  peroxy  acids,  which  are  formed 
when  hydrogen  peroxide  is  added  to  certain  other  acids.  These  com- 
pounds can  be  considered  to  result  from  the  replacement  of  an  oxide 
oxygen  by  the  peroxide  anion  02=.  Thus  the  addition  of  10  F  H202  to 
concentrated  sulfuric  acid  results  in  the  formation  of  peroxysulfuric 
acid,  as  follows: 

H202  +  H2S04  =  H2S05  +  H20 

You  should  realize  that  in  H2S05  the  oxidation  state  of  the  sulfur  is  +6; 
for  this  reason  it  should  be  called  peroxysulfuric  acid  and  not  per- 
sulfuric  acid.  (This  compound  is  frequently  called  peroxymonosulfuric 
acid  to  distinguish  it  from  H2S208,  peroxydisulfuric  acid.) 

A  considerable  number  of  the  elements  of  the  third  to  sixth  columns 
of  the  periodic  system,  which  in  their  highest  oxidation  state  are  ca- 
pable of  existing  as  acids,  tend  to  form  these  complex  peroxy  acids.  It 
is  interesting  to  note  that  titanium,  vanadium,  chromium,  and  molyb- 
denum, which  are  adjacent  elements  in  the  periodic  system,  all  form 
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peroxy  compounds  that  are  intensely  colored.  The  titanium  and  vana- 
dium compounds  are  frequently  written  as  H2Ti04  and  HV04,  respec- 
tively, but,  especially  in  the  case  of  vanadium,  there  is  evidence  that 
more  than  one  species  is  formed;  many  such  compounds  are  formed 
with  both  Cr(VI)  and  Mo(VI). 

In  case  a  large  quantity  of  iron  is  present,  the  Titanium  Group 
solution  may  have  a  yellowish  color  which  will  interfere  with  the 
estimation  of  titanium.  Therefore,  if  iron  is  present,  H3P04  is  added  to 
form  colorless  complex  ions  with  iron;  present  evidence  indicates  that 
the  predominant  species  formed  is  FeHP04+. 

P.  15.     instructions.     Detection  and  Estimation  of 

Titanium 

By  means  of  a  pipet  or  calibrated  dropper,  transfer  exactly 
5  ml  of  the  H2S04  solution  of  the  Titanium  Group  (prepared  by 
P.  12)  to  a  15  ml  test  tube. 

Detection  of  Titanium.  If  iron  was  found  present  in  P.  13,  add 
to  the  sulfuric  acid  solution  0.5  ml  of  15  F  H3P04,  85%. 

Add  1  ml  of  1  F  H202  and  swirl  the  solution.  {Orange  color, 
presence  of  titanium.) 

Estimation  of  Titanium.  Take  5  ml  of  3  F  H2S04  in  a  15  ml  test 
tube  and  add  1  ml  of  1  F  H202.  (If  H3P04  has  been  added  above, 
also  add  0.5  ml  of  15  F  H3P04.)  Add  the  known  titanium  solution 
(10  mg  Ti(IV)  per  ml)  one  drop  at  a  time  and  mixing  after  each 
addition,  until  the  color  produced  matches  that  of  the  solution 
being  analyzed,  or  until  1  ml  of  the  known  titanium  solution  has 
been  added.  Look  lengthwise  through  the  tubes  while  holding 
them  above  a  white  background. 

In  case  1  ml  of  the  known  solution  does  not  produce  a  color  as 
intense  as  that  in  the  unknown  solution  being  analyzed,  transfer 
1  ml  of  the  unknown  solution  to  a  15  ml  test  tube  containing  5  ml 
of  3  F  H2S04  and  1  ml  of  1  F  H202.  Prepare  another  comparison 
solution  and  add  the  known  titanium  solution  to  it  until  a  match 
is  obtained  with  the  more  dilute  unknown  solution. 
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Tabular  Outline  6 


Analysis  of  the  Alkaline  Earth  Group 


(See  Tabular  Outline  4,  p.  210,  for  the  Separation  of  the  Alkaline  Earth  Group) 


Group  Precipitate:  BaC03,  CaC03,  MgC03,  Mg(OH)2 

P.  22.  Dissolve  with  HN03 

Add  KiCrO*.  Neutralize  with  KOH 
Adjust  pH  with  HX03  and  K2CrOi 


Precipitate:  BaCr04 

Solution:  Ca++  Mg+  + 

Cr04=,  Cr207= 

P.  23.  Add  12  F  HCl 

P.  24.  Add  K2C20A,  the 

n  add  excess  NHA0H 

Heat. 

(Ba++  CrCl++  Cl2) 

Dilute,  add  (A7#4)2S04 

Precipitate:  BaS04 

Precipitate:  CaC204 

P.  25.  Add  H2SOi 
(Ca++  H2C204) 
Titrate  with  KMnO* 
(Ca++,Mn++  C02) 

Solution:      Mg(C204)2= 

Cr04=  NH4OH 
P.  26.  Add  KHtPOt 

,      C204  , 

Precipitate : 

Solution: 

Add  dlhOH 

MgNHiPOvGHjO 

Discard 

Precipitate:  CaS04 

P.  27.  Dissolve  in  HCl. 
Add  NaOH  and  par- 
anitrobenzene  azorc- 
sorcinol  (Ci2ff9AT304) 

Blue  lake: 

Mg(OH)2-C12H9N304 

Analysis  of  the  Alkaline  Earth  Group 
(Ba,  Ca,  Mg)  P.  21-27 


Chemical  Properties  of  the  Alkaline  Earth  Elements.  Only  three  of  the 
elements  of  the  second  column  of  the  periodic  system,  known  as  the 
Alkaline  Earth  elements,  are  included  in  this  system  of  analysis. 
However,  their  general  similarity  and  gradual  change  in  properties 
with  increasing  atomic  weight  justify  a  brief  survey  of  the  properties  of 
the  entire  column.  All  easily  lose  the  two  electrons  of  their  outer  shell 
and  thus  revert  to  the  stable  electronic  configuration  of  the  nearest 
inert  gas.  Because  of  the  stability  of  this  structure  they  exist  in  com- 
pounds only  in  the  dipositive  state  and  with  the  exception  of  beryllium 
show  relatively  little  tendency  in  aqueous  solution  to  form  complex 
ions  or  other  coordination  compounds  except  hydrates.  The  excep- 
tional behavior  of  beryllium  can  be  attributed  to  its  smaller  size  and 
the  consequent  concentration  of  charge  on  the  dipositive  ion. 

The  ionic  radii  of  these  elements  and  certain  of  their  associated 
properties  are  shown  in  Table  6. 

TABLE  6     Properties  of  the  Alkaline  Earth  Elements 


Be 

Mg 

Ca 

Sr 

Ba 

Ionic  Radii,  M++  (A) 

0.31 

0.65 

0.99 

1.13 

1.35 

Heat  evolved  on  hydra- 
tion 
MO  +  H20  =  M(OH)2 
kcal/mole 

5.4 

15.1 

17.7 

22.3 

Ionization  constant 

[M++][OH-] 
[M(OH)+] 

10~2 

0.031 

0.23 

Solubility  Products: 

[M++][OH-]2 
[M++][CO,=] 

[M++][sor] 

10"26 

10"11 

10-5 

10"6 

5  X  10-9 

6  X  10-5 

10"4 
7  X  10"10 
5  X  10"7 

10-3 

2  X  10"9 
1  X  10"10 
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FLOW  SHEET  4 


Procedure  Sequence  for  the  Analysis 
of  the  Alkaline  Earth  Group 


P.  21.  Precipitation  of  Alka- 
line Earth  Group 


(Alkaline  Earth 
Group  Precipitate) 


P.  22.  Precipitation  of  Bar- 
ium. Dissolve  group  precipitate 
with  HN03 

Add  K2CrOi 

Adjust  pH 


(Precipitate) 


J. 

(Solution) 

I 


P.  24.  Precipitation    of    Cal- 
cium. Add  KiC»04  and  NH.OH 


(Precipitate) 


I 

(Solution) 

I 


P.  26.  Detection    of    Magne- 
sium. Add  KlhPOi 


(Precipitate) 


(Solution) 

I 


P.  23.  Estimation  of  Barium. 
Dissolve  in  HCl.  Dilute.  Add 


P.  25.  Estimation  of  Calcium. 
Add     HoS04,     KMn04,     and 


P.  27.  Estimation  of  Magne- 
sium. Dissolve  in  HCl.  Add 
NaOH  and  CnHiNiO* 


Discard 


PRECIPITATION    OF    THE    ALKALINE    EARTH    GROUP  [P.    21]  235 

Beryllium  oxide  is  very  insoluble  in  water  and  of  the  oxides  of  the 
group  shows  the  least  tendency  to  hydrate  to  the  hydroxide.  Beryllium 
hydroxide  is  the  least  soluble  of  the  hydroxides  and  is  such  a  weak  base 
that  the  Be++  ion  is  extensively  hydrolyzed  in  aqueous  solutions.  The 
hydroxide  is  also  amphoteric  and  is  dissolved  by  excess  hydroxyl  ion 
as  Be(OH)3_  or  Be02~.  Magnesium  oxide  hydrates  slowly  to  the  hy- 
droxide which  is  a  much  stronger  base  than  Be(OH)2  and  is  not  am- 
photeric. Calcium  oxide  hydrates  rapidly  and  with  the  evolution  of 
considerable  heat,  as  is  evidenced  in  the  familiar  slaking  of  quicklime. 
Strontium  and  barium  oxides  behave  similarly.  Barium  and  strontium 
sulfates  are  relatively  insoluble  and  for  this  reason  are  used  in  analyt- 
ical chemistry. 


PROCEDURE   21 

SEPARATION  OF  THE  ALKALINE  EARTH 
GROUP  FROM  THE  METAL  AMMINE  GROUP 

Discussion.  In  the  procedure  below,  barium  and  calcium  are  pre- 
cipitated as  their  carbonates,  and  magnesium  as  a  basic  carbonate 
(probably  a  mixture  of  carbonate  and  hydroxide),  by  the  addition  to 
the  solution  from  the  Titanium  Group  separation  of  a  large  excess  of 
ammonium  carbonate  and  ammonium  hydroxide. 

The  Metal  Ammine  Group  elements  are  not  precipitated  from  this 
solution  for  two  reasons.  First,  as  explained  in  the  discussion  of  the 
ammine  complex  ions,  p.  93,  these  elements  form  stable  complex 
ammines  in  this  solution.  Second,  the  ammonium  carbonate  and  hy- 
droxide buffer  the  solution  at  a  relatively  low  hydroxyl  ion  concentra- 
tion. Precipitation  of  Metal  Ammine  hydroxides  and  carbonates  is  thus 
prevented  since  these  complex  ions  are  so  stable  that  the  concentra- 
tions of  the  hydrated  cations  are  reduced  to  very  small  values.  Conse- 
quently the  hydroxide  and  carbonate  solubility  products  are  not 
exceeded;  the  carbonates  and  hydroxides  of  the  complex  ammine 
cations  are  soluble.  The  composition  of  the  precipitate  and  the  solu- 
tion is  shown  in  Tabular  Outline  4.  p.  210. 
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P.  21.     instructions.     Separation  of  the  Alkaline  Earth 

Group  from  the  Metal  Ammine 
Group 

Evaporate  the  portion  of  the  acetic  acid-acetate  solution  from 
P.  11  which  is  in  the  50  ml  flask  marked  "To  P.  21"  until  the  vol- 
ume is  reduced  to  1  ml ;  swirl  the  solution  continuously  during  the 
evaporation  and  have  1  ml  of  water  in  a  similar  50  ml  flask  for 
comparison.  Ignore  any  ammonium  salts  which  may  crystallize. 

Cool  the  solution  and  slowly  add  1  g  of  finely  powdered  "am- 
monium carbonate"  (Note  1).  Thoroughly  stir  the  mixture  and 
crush  any  particles  of  the  ammonium  carbonate.  Add  3  ml  of 
15  F  NH4OH  and  again  stir.  Add  3  ml  of  water,  and  warm  the 
solution  to  40-G0°.  Finally,  stir  the  mixture  intermittently  for  a 
period  of  5  minutes.  (White  precipitate,  presence  of  the  Alkaline 
Earth  Group.) 

If  there  is  no  precipitate,  treat  the  solution  by  P.  31. 

If  there  is  a  precipitate,  filter  the  mixture  and  collect  the  solu- 
tion in  a  15  ml  test  tube;  suck  the  filter  free  of  solution.  Dissolve 
0.25  g  of  the  solid  "ammonium  carbonate"  in  2  ml  of  15  F  NH4OH 
mixed  with  2  ml  of  water.  Wash  the  precipitate  and  filter  with 
2-4  ml  of  this  solution;  adjust  the  volume  used  to  the  size  of  the 
precipitate.  Collect  the  wash  solution  with  the  filtrate  (Note  2). 


Notes 

1.  Commercial  "ammonium  carbonate"  usually  is  obtained  in  large  lumps 
and  dissolves  slowly  unless  finely  powdered.  The  product  is  a  mixture  of 
NH4HCO3  and  NH4CO2XH2,  ammonium  carbamate  (the  ammonium  salt 
of  the  hypothetical  carbamic  acid,  NH2COOH).  The  carbamate  hydrolyzes 
in  water  to  give  ammonium  carbonate. 

2.  Magnesium  hydroxide  tends  to  coprecipitate  cupric  hydroxide.  In  case 
the  precipitate  is  distinctly  blue  after  being  washed,  proceed  as  follows: 
Dissolve  the  precipitate  by  pouring  1  ml  of  3  F  HN03  dropwise  through  it 
and  collect  the  acid  in  a  15  ml  test  tube.  Repeat  this  process  with  1  ml  of 
15  F  NH4OH.  Treat  the  solution  by  the  second  and  subsequent  paragraphs 
of  this  procedure.  Combine  the  filtrates  for  treatment  by  P.  31. 
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Treat  the  precipitate  by  P.  22.  Transfer  the  solution  to  a  50  ml 
flask  (Note  3)  and  treat  by  P.  31. 

Note 

3.  A  perceptible  precipitate  may  form  in  this  solution  if  it  is  left  standing, 
as  trace  quantities  of  Alkaline  Earth  Group  elements  precipitate  slowly.  Such 
a  small  precipitate  can  be  ignored;  no  interference  with  the  Metal  Ammine 
Group  analysis  will  result. 


PROCEDURE   22 

SEPARATION  OF  BARIUM  AS  CHROMATE 
FROM  THE  OTHER  ALKALINE 
EARTH  ELEMENTS 

Discussion.  The  separation  of  the  individual  members  of  the  Alkaline 
Earth  elements  presents  quite  a  problem  since,  as  mentioned  above, 
they  exist  in  only  one  stable  oxidation  state.  In  addition,  with  the 
exception  of  beryllium  and  magnesium,  and  the  latter  to  only  a  slight 
extent,  they  exhibit  little  tendency  toward  complex  ion  formation.  As 
a  result,  recourse  has  to  be  made  to  solubility  differences  (see  Tabular 

TABLE  7     Solubilities  and  Solubility  Products  of  Certain 
Alkaline  Earth  Element  Salts 


Salt 

Elements 

Be6 

Mg 

Ca 

Sr 

Ba 

MCr04 

sc 

s 

s 

3  X  10-5 

3  X  10-10 

MS04 

s 

s 

6  X  10"5 

5  X  10-7 

1  x  10-10 

MF2 

s 

8  X  10-8 

3  X  10"11 

8  X  10"10 

3  X  10"6 

MC204 

s 

10-5 

2  X  10"9 

5  X  10-8 

3  X  10-7 

M3(P04)2° 

i 

10-13 

10-32 

IO-31 

10-39 

°  The  phosphates  are  variable  in  composition.  In  the  presence  of  ammonium  salts,  magnesium 
precipitates  as  MgNHUPCX  •  6H20.  The  arsenates  are  very  similar  in  composition  and  solubility 
to  the  phosphates;  note  the  positions  of  P  and  As  in  the  periodic  table. 

6  The  greater  solubility  of  the  beryllium  salts  can  be  attributed  to  hydration  and  complex 
formation.  Anhydrous  BeS04  is  slightly  soluble  but  is  unstable  and  hydrates  to  BeS04-4H20 
which  is  soluble. 

c  *  indicates  the  compound  is  soluble,  i  that  it  is  insoluble. 
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Outline  6),  and,  as  is  seen  in  Table  7  we  find  a  rather  gradual  change 
in  the  solubility  of  the  salts  of  these  elements  on  passing  from  one 
member  to  the  next  of  the  group. 

In  the  procedure  below  the  group  precipitate  is  first  dissolved  in 
nitric  acid.  Then  advantage  is  taken  of  the  fact  that  of  the  Alkaline 
Earth  Group  elements  barium  forms  the  least-soluble  chromate.  The 
use  of  chromate  as  a  precipitant  for  barium  presents  some  interesting 
features  which  are  discussed  below. 

Chromate-Dichromate  Equilibrium 

If  one  adds  a  strong  acid  to  a  solution  of  a  soluble  chromate,  a  color 
change,  from  yellow  to  orange,  is  observed.  This  color  change  is  due 
to  the  following  reaction : 

2Cr04=  +  2H+  =  Cr207=  +  H20 
The  equilibrium  expression  and  the  equilibrium  constant  for  this  re- 
action are  as  follows: 

[Cr2Q7~]         _  j7       4ay  1014 
[H+HCrO -]'       A       4'^  X  1U 

Other  equilibria  exist  in  chromate  solutions.  Thus  the  first  proton  of 
chromic  acid  is  relatively  highly  ionized  since  KAi  has  a  value  of  approx- 
imately 2  X  10"1.  This  is  not  true  of  the  second  proton,  and  the  ioniza- 
tion equilibrium  of  the  second  proton  and  the  ionization  constant  are 
as  follows: 

HCr04-  =  Cr04=  +  H+;      KAl  =  3.2  X  10"7 

However,  HCr04_  tends  to  dimerize  to  form  dichromate,  that  is, 

2HCr04"  =  Cr207=  +  H20;      A'  =  43 

This  series  of  reactions  can  be  written 

2Cr04=  +  2H+  =  2HCr04-  =  Cr207=  +  H20 

and  by  combining  the  two  following  equilibrium  expressions 

^m1  -  » *  -' 

and 

_[Cr?orL  = 

[HCrOr]2 
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one  obtains  for  the  over-all  reaction  the  equilibrium  expression  and 
the  constant,  A'  =  4.2  X  10 u,  which  is  given  above. 

In  solutions  having  pH  values  and  chromium  (III)  concentrations 
such  as  are  used  in  this  procedure  the  concentration  of  HCr04~  will  be 
smaller  than  that  of  Cr207=.  The  overall  expression,  which  ignores  the 
HCr04~,  can  be  used  for  rough  calculations  involving  Cr207=  and  Cr04=. 

In  more  concentrated  acid  solutions  tri-  and  tetra-chromates  are 
formed;  alkali  metal  salts  such  as  K2Cr3Oi0  and  K2Cr40i3  have  been 
prepared. 

It  is  of  interest  to  note  that  in  addition  to  chromium  the  neighboring 
elements  in  the  periodic  table,  vanadium,  molybdenum,  and  tungsten, 
when  in  their  highest  oxidation  states,  all  form  acids  which  polymerize 
in  a  manner  similar  to  chromic  acid.  The  following  salts  of  vanadic 
acid  are  known:  NaV03,  Na4V207,  and  Na2H2V60i7.  The  following 
molybdate  ions  have  been  reported:  Mo04=,  Mo3On4_,  HMo602i5_, 
H7Moi204i~,  etc. 

Chromate-Dichromate  Indicator  Action 

As  stated  above,  chromate  ion  has  a  pale  yellow  color;  the  dichro- 
mate  ion  has  a  more  intense  orange  color.  Therefore  if  one  adds  an 
excess  of  a  strong  acid  to  a  chromate  solution  a  color  change  is  observed. 
Because  of  this  effect  chromate  is  used  below  as  an  indicator  for  the 
neutralization  of  the  nitric  acid  solution  of  the  Alkaline  Earth  Group 
precipitate.  This  indicator  effect  can  be  predicted  by  noting  that  if 
the  [H+]  is  10-5  the  ratio  of  dichromate  to  the  square  of  the  chromate 
concentration  is 

Kff^l  =  (4-2  X  1014)(10-10)  =  4.2  X  104 

Therefore  in  a  solution  at  pH  5  the  orange  color  of  the  dichromate 
would  be  predominant.  When  the  [H+]  is  decreased  to  10~8  this  ratio 
becomes  4  X  10-3  and  then  the  yellow  color  of  the  chromate  will  be 
predominant. 

Chromate-Dichromate  Buffer  Action 

In  order  to  obtain  quantitative  precipitation  of  barium  chromate 
the  hydrogen  ion  concentration  must  not  be  greater  than  about  10-5  M, 
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or  the  chromate  concentration  will  be  too  small;  on  the  other  hand,  if 
the  pH  is  greater  than  approximately  9,  partial  precipitation  of  mag- 
nesium hydroxide  may  occur.  Therefore  the  solution  must  be  buffered 
in  order  to  maintain  the  pH  within  these  limits. 

The  chromate-dichromate  equilibrium  expression  given  above  can 
be  rewritten  as  follows: 


\4.2  X  10)4  [CrOr]2 


which  shows  that  one  can  buffer  a  solution  near  the  neutral  range  by 
providing  the  proper  concentrations  of  both  chromate  and  dichromate 
in  the  solution.  The  method  by  which  this  is  accomplished  in  this 
procedure  is  as  follows: 

The  group  precipitate  is  dissolved  in  nitric  acid  and  a  small  quantity 
of  chromate,  0.2  ml  of  1.5  F  K2Cr04,  is  added  to  act  as  indicator.  The 
acid  is  then  neutralized  until  the  solution  has  a  pH  between  6  and  7. 
Now  0.2  ml  of  6  F  HN03  is  added,  followed  by  2  ml  of  1.5  F  K2Cr04, 
which  makes  the  total  chromate  added  2.2  ml  of  1.5  F. 

You  can  make  an  approximate  calculation  of  the  [H+]  of  the  re- 
sulting solution  by  assuming  that  the  nitric  acid  converts  an  equivalent 
quantity  of  chromate  to  dichromate  as  follows : 

2Cr04=  +  2H+  =  Cr207=  +  H20 

There  were  added  0.2  X  6  or  1.2  mmoles  of  HN03  and  a  total  of  3.3 
mmoles  of  Cr04=.  Therefore  you  can  assume  that  0.6  mmole  of  Cr207= 
is  formed  and  2.1  mmoles  of  Cr04=  are  left.  The  volume  will  be  about 
7  ml;  therefore  the  molar  concentrations  of  Cr207=  and  Cr04=  will  be 
0.09  and  0.3,  respectively.  By  substituting  these  values  in  the  equilib- 
rium expression  given  above  and  solving  for  the  [H+]  you  obtain  a 
value  of  approximately  10~7. 

The  total  quantity  of  chromate  added  is  large  compared  to  that 
which  could  be  precipitated  by  even  a  large  quantity  of  barium; 
therefore  the  [H+]  will  remain  relatively  constant  during  this  pro- 
cedure. 

By  making  use  of  the  solubility  products  of  barium  chromate  and 
magnesium  hydroxide,  calculations  will  indicate  that  under  the  condi- 
tions outlined  above  the  concentration  of  barium  ion  remaining  in 
the  solution  should  be  exceedingly  small,  and  that  even  large  quanti- 
ties of  magnesium  should  not  cause  precipitation  of  magnesium  hy- 
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droxide.  Experiments  have  shown  that  0.05  mg  of  barium  will  produce 
an  easily  perceptible  turbidity,  and  that  25  mg  of  magnesium  do  not 
precipitate  even  on  standing.  Calcium  chromate  is  quite  soluble. 

Potassium  rather  than  sodium  compounds  are  used  in  this  procedure 
in  order  to  avoid  the  precipitation  of  only  moderately  soluble  sodium 
oxalate  when  oxalate  is  added  in  P.  24. 

P.  22.     instructions.     Precipitation  of  Barium  as 

Chromate 

Solution  of  the  Alkaline  Earth  Group  Precipitate.  Fix  a  15  ml  test 
tube  under  the  Alkaline  Earth  Group  precipitate  and  add  drop- 
wise  2  ml  of  3  F  HN03  (Note  1).  Wash  the  filter  with  1  ml  of  hot 
water,  added  dropwise. 

Adjustment  of  the  pH.  and  Precipitation  of  Barium  Chromate. 
Remove  the  test  tube  and  add  0.2  ml  of  1.5  F  K2Cr04.  Then  add 
6  F  KOH  dropwise  until  a  change  in  color  from  orange  to  yellow  is 
obtained  (Note  2) .  Now  add  6  F  HNO3  dropwise  until  one  drop 
causes  the  first  distinct  change  in  color  from  yellow  to  orange;  then 

Notes 

1.  Allow  the  acid  to  flow  down  the  top  of  the  filter  paper;  if  added  directly 
to  the  precipitate  spattering  may  result  from  the  CO2  evolved.  If  the  precipi- 
tate is  not  completely  dissolved  by  the  2  ml  of  HNO3,  remove  the  receiving 
test  tube,  affix  another  test  tube  to  the  funnel,  warm  the  acid  in  the  first 
tube,  and  again  pour  it  through  the  filter. 

2.  If  you  are  not  familiar  with  the  chromate-dichromate  colors,  add  0.2 
ml  of  1.5  F  K2Cr04  and  3  ml  of  water  to  each  of  two  15  ml  test  tubes,  then 
add  1  drop  of  6  F  NaOH  to  one  tube  and  2  drops  of  6  F  HN03  to  the  other. 
These  solutions  should  be  used  as  standards  for  the  above  acid  adjustment. 
As  the  nitric  acid  is  neutralized,  a  pale  yellow  precipitate  of  barium  chro- 
mate may  form;  if  the  solution  becomes  alkaline,  white  precipitates  of  cal- 
cium or  magnesium  hydroxide  may  appear.  These  precipitates  will  not  ob- 
scure the  color  change  from  orange  to  yellow  and  they  will  dissolve  in  the 
HNO3  next  added.  Mg(OH)2  may  adhere  to  the  side  of  the  tube  as  a  gelati- 
nous precipitate;  care  should  be  taken  to  dissolve  this  after  the  excess  of 
HNO3  has  been  added.  Only  a  small  quantity  of  chromate  is  added  first  to 
obtain  a  more  abrupt  color  change;  the  quantity  required  to  buffer  the 
solution  and  to  precipitate  the  barium  is  added  after  the  addition  of  the 
proper  quantity  of  HNO3. 
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add  just  0.2  mloiQF  HN03  (Note  3).  Finally  add  dropwise  2  ml  of 
1.5FK2Cr04  (Note  ^);  shake  the  solution  vigorously,  and  let  it 
stand  for  at  least  3  minutes.  (Yellow  precipitate,  presence  of 
barium)  (Note  5) . 

Centrifuge  the  mixture  and  decant  the  solution  into  a  25  ml 
conical  flask.  Add  1  ml  of  water  to  the  precipitate,  stir  the  mix- 
ture, centrifuge,  and  collect  the  solution  with  the  first  centrif- 
ugate.  Repeat  the  process  with  another  ml  of  water  and  discard 
this  second  wash  solution.  Treat  the  precipitate  by  P.  23.  Treat 
the  solution  by  P.  24. 


Notes 

3.  The  addition  of  HNO3  until  the  first  distinct  color  change  is  obtained 
should  be  done  carefully.  If  in  doubt,  add  alternate  drops  of  the  KOH  and 
HNO3  until  you  are  certain  of  the  end-point  adjustment.  Just  0.2  ml  of 
HNO3  should  be  added.  If  the  end  point  is  not  carefully  fixed,  or  if  more  than 
0.2  ml  of  HNO3  is  added,  the  precipitation  of  barium  may  be  slow  or  incomplete. 

4.  The  K2Cr04  is  added  dropwise  in  order  that  the  precipitate  may  form 
more  slowly  and  in  larger  crystals.  BaCrCX  which  has  been  rapidly  precipi- 
tated may  be  difficult  to  filter  or  to  centrifuge  satisfactorily. 

5.  In  case  copper  has  been  precipitated  with  the  Alkaline  Earth  Group, 
because  of  improper  adjustment  of  conditions,  a  brownish  precipitate  of  basic 
cupric  chromate  may  be  obtained.  However,  only  barium  will  be  precipitated 
in  the  confirmatory  test  of  P.  23. 

If  in  doubt  as  to  the  presence  of  a  precipitate,  centrifuge  and  examine  the 
solution. 


PROCEDURE    23 

CONFIRMATORY  TEST  FOR  BARIUM 

Discussion.  The  barium  chromate  precipitate  is  dissolved  in  hot 
concentrated  hydrochloric  acid.  A  soluble  sulfate  is  then  added  and 
the  barium  precipitated  as  sulfate.  The  precipitation  of  calcium  is 
prevented  by  the  hydrochloric  acid.  Magnesium  sulfate,  commonly 
known  as  Epsom  salts,  is  very  soluble. 
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Solution  of  the  Barium  Chromate 

Several  solvent  effects  may  be  obtained  by  treating  an  insoluble 
chromate  with  hydrochloric  acid.  First,  the  hydrogen  ion  decreases  the 
chromate  ion  concentration  because  of  the  chromate-dichromate  equi- 
librium discussed  in  P.  22.  This  reaction  can  be  formulated  as 

2BaCr04(.<?)  +  2H+  =  2Ba++  +  Cr,07=  +  H20 

Secondly,  the  dichromate  is  reduced  by  chloride  ion  as  shown  by 
the  equation 

Cr207=  +  6C1-  +  14H+  =  2Cr+++  +  3C12  +  7H20 

This  reaction  is  reversible,  but  as  is  seen  from  the  equation  above,  the 
equilibrium  expression  for  the  reaction  involves  the  hydrogen  ion 
concentration  to  the  fourteenth  power  and  the  chloride  ion  to  the 
sixth  power;  as  a  result  the  reaction  can  be  caused  to  proceed  from  left 
to  right  in  concentrated  hydrochloric  acid.  In  alkaline,  neutral,  or 
even  slightly  acid  solutions  chlorine  can  be  used  to  oxidize  Cr(III) 
toCr(VI).   ' 

The  rate  at  which  the  reduction  of  the  dichromate  takes  place  is 
slow;  therefore  the  solution  is  heated  to  boiling.  Boiling  the  solution 
also  volatilizes  the  chlorine  and  decreases  its  concentration. 

A  third  effect  is  obtained  in  this  procedure;  barium  chloride  is  only 
slightly  soluble  in  concentrated  hydrochloric  acid  because  of  the  high 
chloride  ion  concentration,  and  the  precipitation  of  barium  chloride 
keeps  the  barium  ion  at  a  relatively  low  concentration. 

Precipitation  of  Barium  Sulfate 

This  confirmatory  test  for  barium  depends  upon  so  adjusting  the 
conditions,  especially  the  sulfate  ion  concentration,  that  the  precipita- 
tion of  barium  as  sulfate  will  be  essentially  quantitative,  and  that  any 
calcium  (present  because  of  inadequate  washing  of  the  barium  chro- 
mate precipitate)  will  not  be  precipitated  as  calcium  sulfate. 

The  only  metallic  sulfates  which  are  so  insoluble  as  to  permit  their 
quantitative  precipitation  are  those  of  lead,  strontium,  barium,  and 
radium.  Note  that  these  metals  are  all  in  the  dipositive  state,  that 


244  BASIC    ELEMENT    GROUP 

three  are  found  in  the  second  column  of  the  periodic  table,  and  that 
all  are  in  the  lower  three  rows.  The  quantitative  determination  of  the 
sulfur  in  many  industrially  important  compounds,  such  as  sulfide  ores, 
is  frequently  accomplished  by  first  oxidizing  all  the  sulfur  to  sulfate 
which  is  then  precipitated  and  weighed  as  barium  sulfate. 

As  is  seen  below,  the  solubilities  of  the  sulfates  of  the  elements  of  the 
second  column  increase  with  decreasing  atomic  radius;  this  effect  has 
been  attributed  to  the  more  stable  hydration  of  the  smaller  ions.  For 
example,  beryllium,  magnesium,  and  calcium  sulfates  crystallize  with 
water  of  hydration,  whereas  strontium,  barium,  and  radium  sulfates  do 
not.  The  solubility  products  of  the  less  soluble  of  these  sulfates  have 
the  following  values: 

CaS04     KSP  =  6  X  10-5 


SrS04  5  X  10 

BaS04  1  X  10" 


■7 


in 


RaS04  4  X  10"15 

Conditions  for  the  detection  of  barium  in  the  presence  of  calcium 
are  obtained  in  the  procedure  below  by  taking  advantage  of  the  fact 
that,  although  the  first  proton  of  sulfuric  acid  is  essentially  completely 
ionized,  the  second  proton  is  not.  Therefore  when  a  soluble  sulfate  is 
added  to  a  solution  containing  an  excess  of  a  strong  acid,  the  following 
reaction 

H+  +  S04=  =  HS04" 

takes  place  to  an  extent  which  is  determined  by  the  hydrogen  ion 
concentration. 

Thus  in  a  solution  in  which  the  H+  is  1  molar  and  the  HS04_  is 
0.5  molar,  the  [S04=]  can  be  calculated  by  making  use  of  the  ionization 
constant  for  the  second  proton  of  sulfuric  acid  as  follows : 

[SO-]  =  Ka  X  [I?fT^r]  =  1.2  X  10-2  X°v  =  6X  10-3 

l«  J  1 

It  is  interesting  to  note  that  here  we  have  a  solution  in  which  the 
S04=  concentration  is  buffered  at  a  relatively  small  value  by  providing 
an  excess  of  both  HS04~  and  of  H+.  The  analogy  with  the  buffering 
of  the  pH  of  a  solution  (discussed  in  Chap.  3)  is  apparent,  and  in  fact 
a  sulfate-monohydrogen  sulfate  buffer  system  is  frequently  used  to 
obtain  a  pH  of  approximately  2. 
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With  the  conditions  which  are  provided  below,  experiments  have 
shown  that  0.25  nig  of  barium  will  produce  a  perceptible  precipitate 
within  the  time  specified,  while  even  10  mg  of  calcium  will  remain  in 
solution.  Barium  sulfate  is  such  a  dense  precipitate  that  small  quan- 
tities will  escape  detection  if  the  solution  is  not  perfectly  clear.  Small 
quantities  of  barium  will  precipitate  slowly;  therefore,  the  solution 
should  be  allowed  to  stand  at  least  5  minutes,  as  specified,  and  prefer- 
ably longer. 


P.  23.     instructions.     Confirmatory  Test  for  Barium 

Solution  of  the  BaCrOi.  To  the  chromate  precipitate  from  P.  22, 
add  1  ml  of  12  F  HO  and  heat  the  mixture  just  to  boiling  for 
20-30  seconds  {Note  1),  then  add  4  ml  of  water.  Filter  or  centrifuge 
the  solution  if  it  is  not  perfectly  clear. 

Precipitation  of  BaSOi.  Add  1  ml  of  3  F  (NH4)2S04  (which 
should  be  perfectly  clear),  cool  the  solution,  and  let  it  stand  for  at 
least  5  minutes.  (White  precipitate,  presence  of  barium.) 

Estimation  of  Barium.  Make  a  guess  as  to  the  milligrams  of 
barium  in  the  sulfate  precipitate.  Measure  out  that  volume  of 
the  barium  known  solution  (10  mg  of  Ba(II)  per  ml)  in  a  15  ml 
test  tube.  Add  0.5  ml  of  12  F  HC1,  1  ml  of  3  F  (NH4)2S04,  and 
dilute  the  solution  to  the  same  volume  as  that  of  the  confirmatory 
test.  Allow  the  two  precipitates  to  stand  (or  centrifuge  them) 
until  they  have  settled;  from  their  relative  volumes  make  an 
approximate  estimate  of  the  quantity  of  barium  in  the  sample  or 
solution  being  analyzed.  An  accurate  comparison  of  the  sizes  of 
the  two  precipitates  in  test  tubes  is  difficult.  State  only  that  the 
quantity  of  barium  is  thought  to  be  less  than  2-3  mg,  from 
2-10  mg,  or  more  than  10  mg. 


Note 

1.  A  white  crystalline  precipitate  of  BaCl2  may  form  in  the  12  F  HC1.  It 
will  dissolve  when  the  solution  is  diluted  or  will  be  metathesized  to  BaS04. 
The  solution  may  have  a  distinct  greenish  color  because  of  the  presence  of 
Cr(III). 
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PROCEDURE    24 

PRECIPITATION  OF  CALCIUM  AS  OXALATE 

Discussion.  The  solubilities  of  calcium  and  magnesium  oxalates  at 
18°  C  are  6  X  10~5  and  3  X  10-3  formula  weights  per  liter,  respec- 
tively. With  this  small  solubility  difference  it  is  surprising  that  a 
quantitative  separation  of  calcium  as  oxalate  from  magnesium  can  be 
obtained.  The  separation  is  made  possible  by  two  experimental  facts. 
First,  magnesium  ion  forms  stable  complex  ions  with  oxalate  ion  and 
calcium  ion  does  not.  Second,  solutions  of  magnesium  oxalate  will 
remain  supersaturated  to  many  times  the  equilibrium  solubility  for 
periods  up  to  several  days. 

In  order  to  obtain  quantitative  precipitation  of  calcium  in  the  pres- 
ence of  magnesium,  a  quantity  of  oxalate  adequate  to  form  the  mag- 
nesium complexes  must  be  added  in  addition  to  that  which  would  be 
required  to  obtain  quantitative  precipitation  of  the  calcium  in  the 
absence  of  magnesium. 

Calcium  oxalate  tends  to  precipitate  from  alkaline  solutions  as  a 
very  fine  precipitate  which  is  difficult  to  filter  and  which  centrifuges 
slowly.  As  has  been  explained  in  Chapter  5,  p.  94,  precipitates  form 
larger  crystals,  which  are  more  readily  filtered  or  centrifuged,  if  they 
crystallize  slowly;  that  is,  if  the  crystals  form  in  only  slightly  super- 
saturated solutions.  Therefore  in  this  procedure  the  precipitation  is 
begun  in  an  acid  solution,  the  oxalate  is  added  dropwise,  and  the 
solution  is  then  neutralized  by  the  dropwise  addition  of  excess  am- 
monium hydroxide. 

P.  24.     instructions.     Precipitation  of  Calcium  as  Oxalate 

Evaporate  the  solution  from  P.  22  to  5  ml  and  transfer  it  to 
a  15  ml  test  tube;  rinse  out  the  flask  with  10-15  drops  of  water. 
Add  dropwise  2  ml  of  1.5  F  K2C204;  then  add  15  F  NH4OH,  drop- 
wise  and  with  vigorous  shaking,  until  the  solution  changes  from 
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orange  to  yellow.  Finally  add  0.5  ml  more  of  the  NH4OH.  Let  the 
mixture  stand  for  2-5  minutes.  (White  precipitate,  presence  of 
calcium.) 

Centrifuge  the  mixture.  Decant  the  solution  into  a  25  ml  conical 
flask;  carefully  drain  all  the  solution  from  the  precipitate  (Note  1). 
Mix  and  add  to  the  precipitate  2  ml  of  H20, 10  drops  of  1  F  NH4C1, 
and  1  drop  of  6  F  NH4OH;  stir  the  mixture,  and  again  centrifuge. 
Carefully  drain  all  this  wash  solution  from  the  precipitate  and  into 
a  test  tube. 

Add  to  the  wash  solution  1  drop  of  0.5  F  Ca(N03)2.  If  a  white 
precipitate  forms,  discard  the  wash  solution  and  again  wash  the 
precipitate  in  the  same  manner.  Continue  this  process  until  no 
precipitate  is  obtained  in  the  wash  solution. 

Treat  the  washed  precipitate  by  P.  25.  Treat  the  solution  in 
the  flask  by  P.  26. 

Note 

1.  The  quantity  of  calcium  present  is  estimated  (in  P.  25)  by  oxidation 
with  permanganate  of  the  oxalate  in  the  calcium  oxalate  precipitate.  For  this 
reason  care  must  be  taken  to  remove  all  of  the  solution,  which  contains  excess 
oxalate,  from  the  precipitate. 

PROCEDURE    25 

ESTIMATION  OF  AND  CONFIRMATORY  TEST 
FOR  CALCIUM 

Discussion.  The  Estimation.  The  calcium  oxalate  precipitate  is  dis- 
solved by  treatment  with  sulfuric  acid.  Two  solvent  effects  are  in- 
volved: First,  both  protons  of  oxalic  acid  are  incompletely  ionized. 
Therefore  on  adding  an  excess  of  a  strong  acid  to  a  calcium  oxalate 
precipitate,  the  following  equilibrium  is  obtained : 

CaC204(s)  +  2H+  =  H2C204  +  Ca++ 

In  addition,  this  equilibrium  is  shifted  toward  the  right  when  large 
quantities  of  sulfate  are  present  by  the  partial  precipitation  of  the 
Ca"1"1"  as  CaS04. 
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In  order  to  estimate  the  calcium  present,  use  is  made  of  one  of  the 
classical  titrations  of  volumetric  analysis.  The  oxalic  acid  resulting 
from  the  solution  of  the  calcium  oxalate  precipitate  is  titrated  with  a 
permanganate  solution  and  the  oxalate  oxidized  to  C02  and  water. 
The  reaction  taking  place  is  as  follows: 

5H2C204  +  2Mn04-  +  6H+  =  10CO2  +  2Mn++  +  8H20 

From  this  equation  it  is  seen  that  each  mole  of  permanganate  oxidized 
1\  moles  of  oxalic  acid  which  came  from  the  same  number  of  gram- 
atoms  of  calcium. 

The  reaction  between  oxalic  acid  and  permanganate  takes  place  at 
a  slow  rate;  therefore  the  solution  is  heated.  Even  in  a  hot  solution 
the  reaction  proceeds  slowly  at  first  but  becomes  progressively  more 
rapid.  This  is  because  manganous  ion,  a  product  of  the  reaction, 
serves  as  a  catalyst;  such  a  reaction  is  said  to  be  autocatalytic. 

If  an  excess  of  permanganate  is  added  a  brownish  precipitate  may 
be  formed  because  of  the  oxidation  of  manganous  ion  to  manganese 
dioxide.  This  reaction  also  proceeds  slowly  and  is  as  follows: 

3Mn++  +  2MnOr  +  2H20  -  5Mn02(s)  +  4H+ 

As  would  be  expected,  the  tendency  for  this  reaction  to  take  place 
is  increased  by  lowering  the  hydrogen  ion  concentration;  in  neutral 
solutions  it  proceeds  quantitatively  and  quite  rapidly. 

If  Mn02  is  formed,  it  is  dissolved  by  adding  H202  before  carrying  out 
the  confirmatory  test.  In  acid  solutions  both  permanganate  and  man- 
ganese dioxide  oxidize  peroxide  to  oxygen.  The  reactions  are 

2Mn04-  +  5H202  +  6H+  -  2Mn++  +  502  +  8H20 

Mn02(s)  +  H202  +  2H+  =  Mn++  +  02  +  2H20 

Standard  permanganate  solutions  are  extensively  used  in  volumetric 
analysis.  Among  the  reducing  agents  most  frequently  titrated  are 
Fe(II),  As(III),  Sb(III),  V(II)  or  V(IV),  Ti(III),  U(IV),  H202,  and 
various  organic  acids. 

The  Confirmatory  Test 

The  reduction  of  permanganate  does  not  confirm  the  presence  of 
calcium.  Any  barium  not  precipitated  in  P.  22  is  precipitated  as 
barium  oxalate  in  P.  24.  When  the  oxalate  precipitate  is  treated  with 
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sulfuric  acid  in  the  procedure  below,  any  barium  oxalate  is  converted 
to  oxalic  acid  and  the  barium  quantitatively  precipitated  as  barium 
sulfate  which  is  removed  from  the  solution  before  making  this  con- 
firmatory test.  Although  calcium  sulfate  is  only  moderately  soluble,  a 
considerable  quantity  of  any  calcium  present  remains  in  the  sulfuric 
acid  solution. 

The  calcium  remaining  in  the  sulfuric  acid  solution  is  precipitated 
as  sulfate  by  addition  of  an  equal  volume  of  ethyl  alcohol.  The  addition 
of  the  alcohol  decreases  the  solubility  of  calcium  sulfate  to  such  an 
extent  that  even  0.2  mg  of  calcium  will  cause  a  perceptible  precipitate. 
Ionic  compounds  are  in  general  less  soluble  in  organic  compounds  of 
low  dielectric  constants  than  in  water. 

P.  25.     instructions.     Estimation  of  Calcium. 

Confirmatory  Test. 

Estimation.  To  the  calcium  oxalate  precipitate  (P.  24)  add  2  ml 
of  3  F  H2S04,  then  add  one  drop  of  0.2  F  KMn04,  and  heat  the 
solution  to  boiling. 

If  the  permanganate  color  disappears,  continue  to  add  the 
KMn04  dropwise  until  a  permanent  pink  color  or  brown  precipi- 
tate is  obtained;  count  and  record  the  drops  added.  From  the  volume 
of  KMn04  added,  calculate  the  milligrams  of  calcium  present. 

Confirmatory  Test.  Add  1  drop  of  1  F  H202  and  warm  the  solu- 
tion until  it  is  colorless.  If  there  is  a  precipitate,  centrifuge  the 
warm  mixture.  Decant  the  clear  solution  into  a  15  ml  test  tube, 
and  cool  it  to  room  temperature.  Add  an  equal  volume  of  95% 
C2H5OH  and  let  the  solution  stand  for  2-5  minutes.  (White  pre- 
cipitate, presence  of  calcium.) 

PROCEDURE    26 

PRECIPITATION  OF  MAGNESIUM  AS  THE 
AMMONIUM  PHOSPHATE 

Discussion.  The  other  Alkaline  Earth  elements  having  been  pre- 
cipitated, a  soluble  phosphate  is  added  to  the  solution  from  P.  21 
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and  the  magnesium  is  precipitated  as  MgNH4P04  •  6H20.  The  solution 
must  be  alkaline  in  order  to  obtain  quantitative  precipitation.  The 
second  and  third  protons  of  phosphoric  acid  are  relatively  un-ionized 
(the  corresponding  ionization  constants  are  2  X  10-7  and  5  X  10-13, 
respectively);  therefore  the  concentration  of  P04~  is  exceedingly 
small,  even  in  alkaline  solutions. 

In  the  presence  of  ammonium  salts  the  precipitate  is  not  Mg3(P04)2, 
but  MgNH4P04  •  6H20.  The  similarity  between  quinquepositive  phos- 
phorus and  arsenic  is  seen  from  the  fact  that  the  analogous  compound 
MgNH4As04  •  6H20  is  used  in  the  confirmatory  test  for  arsenic  in  P.  63. 

With  the  exception  of  the  Alkali  Metals,  the  other  metal  phosphates 
(and  arsenates)  are  insoluble;  therefore,  the  formation  of  a  precipitate 
in  this  procedure  is  not  proof  of  the  presence  of  magnesium,  and  a 
confirmatory  test  should  be  made. 

The  precipitation  of  the  MgNH4P04  •  6H20  takes  place  slowly,  prob- 
ably because  the  compound  is  not  a  simple  binary  salt,  is  not  extremely 
insoluble,  and  because  under  the  conditions  of  the  procedure  the  con- 
centrations of  both  Mg"1-1"  and  P04~  are  very  small.  The  magnesium  is 
present  primarily  as  an  oxalate  complex  and  the  phosphate  as  HP04=. 
That  the  latter  is  true  can  be  seen  by  noting  that  there  are  approxi- 
mately equal  quantities  of  NH4+  and  NH4OH  in  the  solution;  therefore 
the  OH"  =  1.8  X  10-5  M  and  the  H+  is  5.5  X  10- 10  M.  Since 

[H+][PQ4-]  _  -       10_13 
the  ratio  ^^ 


[HPOr] 

is  approximately  1/1000;  then  since 

[H+1[HPQ4=]  _ 
[H2P04-]      "  2  X  10 

the  ratio  [HP04=]/[H2P04-]  is  approximately  400/1. 


P.  26.     instructions.     Precipitation  of  Magnesium 

Ammonium  Phosphate 

To  the  oxalate  solution   (P.  24)   add  5   ml  of   1  F  KH2P04, 
2  ml  of  3  F  NH4C1,  and  1  ml  of  15  F  NH4OH.  Shake  the  solution 
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frequently  and  vigorously  during  a  period  of  at  least  5  minutes. 
This  precipitate  shows  a  pronounced  tendency  to  supersaturate, 
so  if  it  is  convenient  the  mixture  should  be  allowed  to  stand  longer. 
(White  crystalline  precipitate,  probable  presence  of  magnesium.) 

Filter  the  mixture  through  a  paper  filter;  wash  the  filter  drop- 
wise  with  1  ml  of  water  to  which  has  been  added  1  drop  of  6  F 
NH4OH. 

Treat  the  precipitate  by  P.  27.  Discard  the  filtrate. 


PROCEDURE    27 

CONFIRMATORY  TEST  FOR  AND 
ESTIMATION  OF  MAGNESIUM 

Discussion.  The  phosphate  precipitate  is  dissolved  in  hydrochloric 
acid  and  the  magnesium  is  reprecipitated  as  the  hydroxide  in  the 
presence  of  a  colored  organic  compound.  This  compound  is  adsorbed 
on  the  precipitate,  giving  it  a  characteristic  color. 

Dissolving  the  Precipitate 

The  reaction  taking  place  when  the  MgNH4P04  •  6H20  is  dissolved 
in  HC1  can  be  represented  as  follows: 

MgNH4P04  6H20(s)  +  3H+  =  Mg++  +  NH4+  +  H3P04  +  6H20 

The  extreme  effect  which  increasing  the  hydrogen  ion  concentration 
has  on  the  solubility  of  a  phosphate  is  illustrated  by  a  consideration  of 
the  relative  concentrations  of  the  various  species  in  which  the  phos- 
phate would  exist  in  the  solution  of  the  precipitate  obtained  below. 
This  solution  contains  1  ml  of  6  F  HC1  in  a  volume  of  10  ml  and  there^ 
fore  is  0.6  M  in  hydrogen  ion  (neglecting  any  acid  used  in  dissolving 
the  precipitate).  The  separate  ionization  constants  of  phosphoric  acid 
are 

[H+1[H2P04-]  _  [H+][HPQ4=]  _ 

[H3P04]        "  75  X  1U    '  [H2P04-]      ~  zxw    ' 

tK¥ - *  ><  -" 
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Therefore  in  a  solution  in  which  the  H+  =  0.6  M,  the  ratio  of  [H2P04~] 
to  [H3PO4]  is  1.2  X  10~2;  this  value  indicates  that  over  98%  of  the 
phosphate  is  present  as  H3P04. 

By  combining  the  three  equilibrium  expressions  above,  one  obtains 
the  following  over-all  ionization  expression: 

[H+]'[PQ4-]       75xl0-„ 
[H3P04]      "  '°  X  1U 

This  expression  leads  to  the  conclusion  that  in  a  solution  in  which 
the  H+  is  0.6  M,  the  ratio  of  [P04s]  to  [H3P04]  is  3.4  X  10~21;  that 
is,  if  the  solution  is  1  molar  in  H3P04,  the  [P04=]  would  be  only 
3.4  X  10"21. 

The  solubility  product  for  MgNH4P04  has  the  form 

[Mg++][NH4+][P04=]  =  KSP  =  2.5  X  10-13 

If  the  phosphate  ion  concentration  has  a  value  anywhere  near  10-21 
you  can  see  that  it  is  physically  impossible  to  obtain  a  solution  suf- 
ficiently concentrated  in  Mg"1-*"  and  NH4+  to  exceed  the  solubility 
product. 

Confirmatory  Test 

Certain  colored  organic  compounds  which  are  acidic  in  character 
are  strongly  adsorbed  from  alkaline  solutions  by  metallic  hydroxides. 
This  process  is  made  use  of  in  the  dyeing  of  fabrics,  and  the  colored 
product  is  called  a  lake. 

In  the  procedure  below,  magnesium  hydroxide  is  precipitated  by 
addition  of  an  excess  of  NaOH,  and  then  the  reddish-purple  colored 
organic  compound  paranitrobenzene  azoresorcinol  is  added.  Upon  ad- 
sorption on  the  precipitate  a  blue  color  is  produced  which  is  so  intense 
that  0.01  mg  of  magnesium  can  be  detected.  Other  Alkaline  Earth 
elements  do  not  interfere  with  the  confirmatory  test. 

P.  27.     instructions.     Confirmatory  Test  for  Magnesium 

Solution  of  the  Phosphate  Precipitate.  Pour  dropwise  through 
the  filter  from  P.  26  1  ml  of  cold  6  F  HC1;  collect  the  solution  in  a 
10  ml  graduated  cylinder.  Wash  the  filter  with  water  until  just 
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5  ml  of  the  solution  has  been  collected  in  the  cylinder.  Mix  thor- 
oughly by  means  of  a  dropper.  Transfer  to  a  15  ml  test  tube  that 
volume  of  the  HC1  solution  which  is  thought  to  contain  approxi- 
mately 5  mg  of  magnesium;  take  the  entire  solution  if,  from  the 
size  of  the  MgNH4P04  •  (>H20  precipitate,  less  than  10  mg  of 
magnesium  are  thought  to  be  present. 

Confirmatory  Test.  Make  the  solution  to  be  tested  alkaline  with 

6  F  NaOH,  then  add  a  1  ml  excess.  Finally  add  just  one  drop  of 
0.01  F  paranitrobenzene  azoresorcinol  (C12H9N3O4)  (this  reagent 
should  be  freshly  prepared).  Shake  vigorously.  {Blue  precipitate, 
presence  of  magnesium.) 

In  case  there  is  a  blue  precipitate  but  no  purple  color  in  the 
solution,  add  the  paranitrobenzene  azoresorcinol  reagent  until  a 
purple  color  becomes  perceptible.  In  case  the  purple  color  of  the 
solution  obscures  the  color  of  any  precipitate,  filter  the  mixture 
and  wash  the  filter  with  1  ml  of  water  containing  1  drop  of 
6  F  NaOH. 

Estimation  of  Magnesium.  Make  a  guess  as  to  the  quantity  of 
magnesium  present  and  by  means  of  the  magnesium  known  solu- 
tion add  this  quantity  to  a  second  15  ml  test  tube.  Add  1  ml  of 
6  F  HC1;  then  make  the  solution  alkaline  with  6  F  NaOH,  add  1 
ml  in  excess,  and  dilute  to  the  same  volume  as  is  in  the  first  tube. 
Add  the  paranitrobenzene  azoresorcinol,  1  drop  at  a  time,  until  a 
purple  color  becomes  perceptible. 

From  the  relative  volumes  of  the  two  precipitates  estimate  the 
milligrams  of  magnesium  in  the  sample  or  solution  being  analyzed. 
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Tabular  Outline  7 


Analysis  of  the  Metal  Ammine  Group 


(See  Tabular  Outline  4,  p.  210,  for  Separation  of  the  Metal  Ammine  Group) 


Group  Precipitate:  Ag20,  CuO,  Ni(OH)2 
P.  32.  Dissolve  in  HN03 

(Ag+  Cu++  Ni++,  H+  NO,") 

Add  NIhCl  dropwise 


Precipitate:  AgCl 

P.  33.  Dissolve  in  NHiOII 

(Ag(NH3)2+,  CI") 
AddKI 

Precipitate:  Agl 

(yellowish) 


Solution:  Cu++,  Ni++  NH4+  CI",  H+ 

P.  34.  Neutralize  with  NHt0H;  add  i72iS04.     Add  KI 
(Cul,  I2  and  I3_) 

Titrate  with  Na-'SOs 


Precipitate:  Cul 

P.  35.  Add  NHt0H 

(Cu(NH,)2+,  I") 

Add  H202 

Cu(NH3)4++  (blue) 

Add  KtFe(CN)i  and 
ClhCOOH 

Precipitate :  K2CuFe  (CN)6 
(red-brown) 


Solution:  Ni++  I~  HSOr, 

P.  36.  Add  excess  NHiOH 

(Ni(NH,)4++,  I",  S04=. 

Add  {CH3)«C2(NOH)2 

Precipitate : 

Ni[(CH3)2C2NOH-NO]2 
(red) 


Analysis  of  the  Metal  Ammine  Group 
(Ag,  Cu,  Ni)  P.  31-36 


PROCEDURE   31 

PRECIPITATION  OF  THE  METAL  AMMINE 
GROUP 

Discussion.  The  precipitation  of  Ag(I),  Cu(II),  and  Ni(II)  with  the 
Alkaline  Earth  Group  elements  (in  P.  21)  was  prevented  by  having  a 
high  concentration  of  ammonia  present  (see  Tabular  Outline  4). 
The  formation  of  the  metal  ammine  complex  ions  so  reduced  the 
concentration  of  the  simple  cations  of  these  three  metals  that  the 
solubility  products  of  their  hydroxides  and  carbonates  were  not  ex- 
ceeded. 

In  this  procedure  an  excess  of  a  strong  base,  NaOH,  is  added.  Since 
XH4OH  is  a  weak  base,  the  ammonium  salts  are  converted  to  an 
equilibrium  mixture  of  ammonium  hydroxide  and  ammonia.  (See  page 
93,  Chap.  5.)    From  the  ammonium  hydroxide  ionization  constant, 

[NH4+][OH-l 
[NH4OH]      -  iy  x  1U 

you  can  see  that  if  the  OH-  is  made  one  molar  the  ratio  of  [NH4OH] 
to  [NH4+]  becomes  5.5  X  104.  The  solution  is  boiled  to  volatilize  the 
NH3;  this  is  an  example  of  gas-liquid  phase  separations  (see  Chap.  5, 
p.  79). 

As  the  NH3  is  volatilized,  the  ammonia  concentration  is  decreased  so 
that  dissociation  of  the  complex  ammines  occurs  with  a  resulting  in- 
crease of  the  metal  ion  concentration.  Thus  precipitation  of  the 
hydroxides  takes  place.  The  reactions  can  be  represented  as  follows : 

Ag(NH3)2+  =  Ag+  +  2NH3 
2Ag+  +  20H-  =  2AgOIl(white)  =  Ag20(black)  +  H20 
Ni++  +  20H-  =  Ni(OKMgreenish) 
Cu++  +  20H-  =  Cu(OU)2(bluish)  =  CuO(black)  +  H20 
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FLOW  SHEET  5 


Procedure  Sequence  for  the  Analysis 
of  the  Metal  Ammine  Group 


P.  31.  Precipitation  of  Metal 
Ammine  Group 


(Metal  Ammine 
Group  Precipitate) 


P.  32.  Precipitation  of  Silver. 
Dissolve  group  precipitate  with 
HN03 

Add  NHtCl 


I 

(Solution) 

I 


P.  34.  Precipitation  and  Esti- 
mation of  Copper.  Neutralize 
with  NHiOH.  Add  H2S04,  KI, 
and  Na2S03 


(Solution) 

I 


P.  36.   Detection  and  Estima- 
tion of  Nickel.  Add  NH4OH 

and  (Cff3)2C2(A70ff)2 


(Precipitate) 


P.  33.  Estimation    of    Silver. 
Dissolve  in  NHtOH.  Add  KI 


(Precipitate) 


P.  35.  Confirmation  of  Copper. 
Add  NHiOH,  H202, 

K4Fe(CN)e,  and  CH3COOH 
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P.  31.     instructions.     Precipitation  of  the  Metal  Ammine 

Group 

Add  3  ml  of  6  F  NaOH  to  the  solution  from  the  Alkaline  Earth 
Group  precipitation  (P.  21)  and,  while  constantly  and  rapidly 
swirling  the  solution,  boil  it  until  the  odor  of  NH3  is  no  longer 
evident  above  the  neck  of  the  flask. 

Test  the  solution  with  pH  paper.  If  the  pH  is  less  than  10,  add 
1  ml  of  6  F  NaOH,  boil  again  until  ammonia  is  no  longer  evident, 
and  test  the  pH.  Repeat  this  process  until  the  pH  remains  at 
least  10. 

Moisten  a  piece  of  litmus  paper  and  hold  it  in  the  escaping 
steam.  Continue  boiling  and  checking  with  the  litmus  paper  until 
the  paper  no  longer  turns  blue;  then  boil  for  3  minutes  longer. 
Add  5  ml  of  water  if  the  volume  has  become  less  than  10  ml 
(Note  1).  (Dark  or  colored  precipitate,  presence  of  the  Metal 
Ammine  Group.  No  precipitate,  absence  of  the  Metal  Ammine 
Group.  Discard  the  solution.) 

In  case  the  Metal  Ammine  Group  is  present,  filter  the  mixture 
by  decantation  (it  is  not  necessary  to  wash  the  precipitate). 
Return  the  filtrate  to  the  flask,  add  0.5  ml  of  6  F  NaOH,  and  again 
boil  for  2-3  minutes  (Notes  1  and  2).  Refilter  if  any  precipitate 
is  obtained.  Immediately  treat  the  precipitate  on  the  filter  and 
in  the  flask  by  P.  32  (Note  3).  Discard  the  solution. 


Notes 

1.  If  the  solution  has  been  evaporated  to  a  small  volume,  or  if  more  sodium 
hydroxide  than  was  specified  has  been  added,  some  copper  may  be  dissolved, 
as  Cu(OH)3~,  and  the  solution  will  have  a  persistent  blue  color.  In  this  case 
add  6  F  HN03  to  the  solution  until  it  is  just  acid,  then  add  1  ml  of  6  F  NaOH, 
and  again  boil  the  solution.  Filter  the  mixture  if  any  precipitate  is  obtained. 

2.  Because  of  the  stability  of  the  metal  ammine  complex  ions  all  of  the 
ammonia  may  not  have  been  volatilized.  The  additional  boiling  is  a  test  for 
completeness  of  precipitation  of  the  elements  in  this  group. 

3.  A  moist  silver  oxide  precipitate  will  absorb  HC1  and  H2S  from  the  lab- 
oratory air  on  standing  and  be  converted  into  AgCl  and  Ag2S. 
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PROCEDURE    32 


PRECIPITATION  AND  ESTIMATION 
OF  SILVER 

Discussion.  The  group  precipitate  is  dissolved  in  HN03  and  the 
silver  precipitated  by  addition  of  a  soluble  chloride  (see  Tabular  Out- 
line 7,  p.  254). 

Silver  chloride  precipitates  so  rapidly  and  can  be  coagulated  so 
readily  that  one  can  estimate  the  quantity  present  by  adding,  drop- 
wise,  a  chloride  solution  of  known  concentration  and  noting  when  no 
more  observable  precipitate  is  obtained.  This  method  is  the  basis  of  a 
very  accurate  quantitative  method  for  the  determination  of  silver. 

P.  32.     instructions.     Precipitation  and  Estimation  of 

Silver  as  Chloride 

Solution  of  the  Group  Precipitate.  Attach  a  15  ml  test  tube 
to  the  funnel  containing  the  precipitate  from  P.  31.  Add  0.5  ml 
of  hot  3  F  HN03  to  the  flask  from  P.  31.  Heat,  if  necessary,  to 
dissolve  the  precipitate.  Treat  the  precipitate  on  the  filter  with 
this  acid  and  collect  the  solution  in  the  test  tube.  Repeat  this 
process  with  3  more  0.5  ml  portions  of  3  F  HN03.  Then  wash  the 
flask  and  the  filter  with  two  1  ml  portions  of  water  (Note  1). 

Precipitation  of  Silver  Chloride.  Add  to  the  HN03  solution  1  drop 

Note 

1.  Occasionally  a  dark  residue — usually  metallic  silver,  silver  sulfide,  or 
photochemically  decomposed  silver  chloride  resulting  from  contamination — 
remains  after  the  HNO3  treatment.  If  such  a  residue  represents  more  than 
0.1-0.3  mg  of  silver,  proceed  as  follows: 

Push  a  hole  through  the  bottom  of  the  filter.  Use  0.5  ml  of  water  in  a  dropper 
to  wash  any  residue  from  the  filter  and  into  the  original  flask.  Add  to  the 
flask  0.5  ml  of  16  F  HN03  and  boil  vigorously  for  2-3  minutes.  Cool  the  solu- 
tion and  add  1  ml  of  water.  Treat  the  solution  and  any  residue  by  the  second 
and  subsequent  paragraphs  of  this  procedure  and  by  P.  33. 
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of  1  F  NH4CI  (prepared  from  the  3  F  reagent) .  (White  precipitate, 
presence  of  silver.) 

If  silver  is  absent  treat  the  solution  by  P.  34. 

Estimation  of  Silver.  If  silver  is  present,  heat  the  mixture  to 
60-80°  and  continue  to  add  the  1  F  NH4C1  (Note  2)  drop  wise  until 
no  more  white  precipitate  forms;  count  and  record  the  drops.  Add 
each  drop  near  the  surface  of  the  solution  and  note  if  additional 
precipitation  occurs;  if  precipitation  occurs,  again  warm  the  mix- 
ture and  shake  it  vigorously  (to  coagulate  the  precipitate),  then 
allow  the  precipitate  to  settle  in  order  to  observe  the  effect  of  the 
next  drop. 

From  the  volume  of  the  NH4C1  added  (or,  from  the  size  of  the 
precipitate  in  case  it  is  small),  estimate  the  milligrams  of  silver 
present  in  the  sample  or  solution  being  analyzed. 

Filter  the  mixture  and  collect  the  filtrate  in  a  15  ml  test  tube. 
Wash  the  precipitate  with  10-20  drops  of  water.  Treat  the  pre- 
cipitate by  P.  33.  Treat  the  filtrate  by  P.  34. 


Note 

2.  Note  that  one  drop,  approximately  0.03  ml,  of  the  1  F  NH4CI  which  is 
prescribed  is  equivalent  to  slightly  over  3  mg  of  silver.  In  case  a  more  accu- 
rate estimation  of  the  amount  of  silver  present  is  wanted,  a  0.5  or  0.2  F  NH4CI 
solution  should  be  prepared  and  used. 


PROCEDURE    33 

CONFIRMATORY  TEST  FOR  SILVER 

Discussion.  This  test  is  based  upon  two  facts:  first,  that  silver 
chloride  is  readily  soluble  in  ammonia  solutions,  and,  second,  that 
silver  iodide  dissolves  to  only  a  very  slight  extent  in  such  solutions. 
These  experimental  facts  could  have  been  predicted  from  the  follow- 
ing considerations.  The  equation  for  the  dissolving  of  silver  chloride  in 
an  ammonia  solution  is 
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AgCl(s)  +  2NH3  =  Ag(NH3)2+  +  Cl- 
and  the  equilibrium  expression  is 

[Ag(NH,),+][Cl-]  ...  K 
[NH3]* 

The  value  of  the  constant  can  be  obtained  from  the  solubility  product 
of  silver  chloride  and  the  dissociation  constant  for  the  silver  diammine 
complex,  as  follows: 

[Ag+][C1-]  =  KSP  =  1.8  X  10-1" 

M»  -  KD  =  6.8  X  10- 

[Ag(NH3)2+] 

rAg(NH3)2+1[Cl-]  =  Ksp  =  1.8  X  10-"  =         vin_3 
[NH8]2  '  KD   "  6.8  X  10-8      "  A 

In  this  procedure  the  silver  chloride  precipitate  is  treated  with  1  ml 
of  6  F  NH4OH  diluted  with  1  ml  of  water.  If  you  assume  that  the  result- 
ing solution  is  3  M  in  NH3,  and  that  this  concentration  remains  approx- 
imately constant  when  the  solution  is  saturated  with  silver  chloride, 
you  can  calculate  that  the  Ag(NH3)2+,  and  likewise  the  CI-,  will  be 
approximately  0.1  M.  Therefore  the  two  ml  of  solution  would  dissolve 
0.2  mmole  of  silver  chloride  or  21  mg  of  silver. 

If  a  silver  iodide  precipitate  were  similarly  treated,  one  calculates 
that  the  equilibrium  concentration  of  Ag(NH3)2+  will  be  approximately 
1  X  10-4  M,  which  represents  only  0.02  mg  of  silver.  This  quantity 
would  be  even  less  in  the  procedure  below  if  an  excess  of  iodide  ion 
is  added. 

Even  though  these  calculations  are  confirmed  by  experimental  fact, 
you  should  realize  that  they  are  very  approximate  in  nature,  since  no 
consideration  has  been  given  to  the  difference  between  the  concentra- 
tions of  the  ions  in  these  relatively  concentrated  solutions  and  their 
activities.  In  addition,  the  silver  halides  become  more  soluble  in  con- 
centrated halide  solutions  because  of  the  formation  of  complex  ions 
such  as  Agl2_  and  AgCl2",  etc. 


P.  33.     instructions.     Confirmatory  Test  for  Silver 

Treat  the  precipitate  from  P.  32  with  1  ml  of  6  F  NI^OH,  fol- 
lowed by  1  ml  of  water;  add  the  NH4OH  drop  wise  while  rubbing 
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the  precipitate  with  the  rounded  end  of  a  stirring  rod  (Note  1). 

Add  1  drop  of  1  F  KI  to  the  NH4OH  solution.  (Yellowish  pre- 
cipitate, presence  of  silver.)  (Note  2) 

Notes 

1 .  If  a  silver  chloride  precipitate  stands  in  the  presence  of  light  it  becomes 
coated  with  a  layer  of  metallic  silver  which  is  not  soluble  in  ammonia  and 
prevents  the  rapid  dissolving  of  the  precipitate.  If  the  precipitate  is  broken 
up  as  the  ammonia  is  applied,  most  of  the  silver  chloride  will  be  dissolved 
and  any  dark  residue  can  be  disregarded. 

2.  In  case  a  residue  from  the  Titanium  Group  (see  Note  3,  P.  12)  is  being 
tested  for  silver,  an  estimate  of  the  quantity  of  silver  present  can  be  made 
by  continuing  dropwise  addition  of  the  KI  until  no  more  precipitate  forms. 
Coagulate  the  precipitate  after  each  drop  by  vigorously  shaking  the  mixture. 


PROCEDURE   34 

PRECIPITATION  OF  COPPER  AS  CUPROUS 
IODIDE.  ESTIMATION  OF  COPPER 

Discussion.  In  this  procedure  Cu(II)  is  reduced  to  Cu(I)  by  iodide 
and  is  precipitated  as  cuprous  iodide.  An  equivalent  quantity  of  iodide 
is  oxidized  to  iodine.  An  estimation  of  the  copper  present  is  made  by 
titrating  the  iodine  with  a  standard  solution  of  a  reducing  agent. 

The  Precipitation 

The  reduction  of  cupric  copper  by  iodide  is  made  more  complete 
because  the  cuprous  ion  concentration  is  kept  at  a  very  low  value  by 
the  precipitation  of  insoluble  cuprous  iodide.  The  reaction  can  be  repre- 
sented as  follows: 

2Cu++  +  41"  =  2CuI0)  +  I2 

Iodine  is  slightly  soluble  in  water,  the  saturated  solution  being  only 
0.0013  F  in  I2;  such  a  solution  is  brownish  in  color.  However,  when 
iodine  is  added  to,  or  produced  in,  a  solution  containing  iodide  ion,  the 
complex  tri-iodide  ion  is  formed. 
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I2  +  I"  =   I3- 

Both  bromine  and  chlorine  are  more  soluble  in  solutions  of  their  halide 
ions  because  of  the  formation  of  the  analogous  tri-bromide  and  tri- 
chloride; in  addition,  mixed  ions  such  as  I2Br~  and  I2C1_  can  be  formed. 
Tri-iodide  solutions  are  tannish-yellow  when  dilute  and  dark  reddish- 
brown  when  more  concentrated.  Since  an  excess  of  iodide  is  added  in 
the  procedure  below,  the  reaction  between  cupric  ion  and  iodide  is  more 
appropriately  written 

2Cu++  +  51-  -  2CuI(*)  +  I3- 

As  is  seen  from  this  equation,  one  equivalent  or  one  gram-atom  of 
iodide  is  oxidized  to  iodine  by  one  mole  of  Cu(II);  in  this  oxidation- 
reduction  reaction  one  mole  of  Cu(II)  is  one  equivalent. 

The  Estimation 

In  this  procedure  two  objectives  are  attained  by  the  addition  of  a 
reagent  which  is  capable  of  reducing  the  iodine  and  which  is  of  known 
concentration.  First,  the  equilibrium  is  shifted  toward  the  right  by  the 
reduction  of  the  iodine,  and  the  precipitation  of  the  copper  as  cuprous 
iodide  is  made  more  complete.  Second,  if  one  adds  a  standard  solution 
of  the  reducing  agent  and  notes  when  the  tri-iodide  color  disappears, 
the  quantity  of  copper  present  can  be  calculated. 

In  the  procedure  below,  a  standard  sulfite  solution  is  prepared  and  so 
used;  in  an  acid  solution  the  reaction  involved  is 

I3-  +  HSO3-  +  H20  =  31-  +  HSOr  +  2H+ 

This  procedure  is  the  basis  for  an  industrially  important  quantitative 
method  for  the  determination  of  copper;  however,  instead  of  the  sulfite 
a  standard  solution  of  sodium  thiosulfate,  Na2S203,  is  used  for  the  re- 
ducing agent.  Thiosulfate  is  oxidized  by  tri-iodide  to  tetrathionate 

as  follows: 

i3-  +  2S203=  =  31-  +  S406= 

Standard  thiosulfate  solutions  are  used  because  this  substance  is  so 
slowly  oxidized  by  the  oxygen  of  the  air  that  such  solutions  are  stable 
for  long  periods.  Soluble  sulfites  in  aqueous  solutions  are  rapidly  oxi- 
dized by  oxygen  in  the  air. 

In  case  thiosulfate  is  used  in  this  procedure,  an  excess  must  be  avoided. 
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The  first  effect  of  an  excess  will  be  to  dissolve  the  Cul  precipitate  be- 
cause of  formation  of  the  complex  ion  Cu(S203)_ — this  ion  is  similar  to 
that  formed  when  AgBr  is  dissolved  in  "hypo"  in  photographic  work. 
In  addition,  thiosulfate  slowly  decomposes  in  an  acid  solution  to  give 
sulfur  and  sulfurous  acid,  and  in  the  presence  of  copper  may  cause 
precipitation  of  black  copper  sulfide: 

2Cu+  +  S203=  +  H20  =  Cu2S(s)  +  HSOr  +  H+ 


P.  34.     instructions.     Precipitation  of  Copper  as  Cuprous 

Iodide.  Estimation  of  Copper 

Detection  of  Copper.  Neutralize  the  solution  from  the  silver 
chloride  precipitation  (P.  32)  with  6  F  NH4OH  until  a  pU  of  4-6 
is  obtained  (Note  1).  Then  add  0.5  ml  of  3  F  H2S04;  check  that 
the  pH  is  less  than  2-3. 

Cool  the  solution  to  room  temperature.  Add  1  ml  of  1  F  KI. 
(Immediate  pale  yellow  to  orange  color  of  I2  in  the  solution,  prob- 
able presence  of  copper.)  (Note  2) 

Estimation  of  Copper.  If  any  iodine  color  is  obtained,  immedi- 

Notes 

1.  This  neutralization  can  be  made  more  rapidly  if  you  remember  that  2  ml 
of  3  F  HN03  were  used  in  P.  32.  If  copper  is  present,  the  NH4OH  can  be  added 
until  the  blue  cupric  ammine  color  is  obtained,  then  3  F  H2S04  added  dropwise 
until  this  color  is  removed. 

2.  An  iodine  color  is  not  proof  of  the  presence  of  copper;  any  oxidizing 
agent  capable  of  oxidizing  iodide  will  cause  such  a  color.  The  nitrate  present 
will  not  oxidize  I-  at  a  significant  rate  at  this  acidity.  However,  nitric  acid 
may  contain  some  nitrous  acid  which  would  oxidize  the  iodide;  therefore  the 
acidification  is  made  with  sulfuric  acid.  However,  if  the  acid  iodide  solution 
is  allowed  to  stand  for  longer  than  1-2  minutes,  an  iodine  color  may  appear 
because  of  the  reaction  4I_  +  02  +  4H+  =  2l2  +  2H20.  For  this  reason  the 
titration  with  sulfite  or  thiosulfate  should  be  made  immediately.  In  addition, 
in  case  a  large  quantity  of  copper  is  present,  part  of  the  iodine  formed  may  be 
lost  by  volatilization  if  the  mixture  is  allowed  to  stand. 


264  BASIC    ELEMENT    GROUP 

ately  weigh  out  5  mmoles  (630  ±  20  mg)  of  Na2S03  (Note  3),  trans- 
fer this  to  a  10  ml  graduate,  and  add  water  until  the  meniscus  is  at 
the  9  ml  mark.  Shake  until  the  Na2S03  crystals  are  dissolved  and 
the  solution  is  thoroughly  mixed,  add  water  to  the  10.0  ml  mark, 
and  again  mix  thoroughly.  Add  the  Na2S03  or  Na2S203  solution 
dropwise  until  the  iodine  color  just  disappears  (Note  4);  either 
count  the  drops  of  the  solution  added  or  return  the  unused  solu- 
tion to  the  graduate  and  note  the  decrease  in  volume.  (White 
precipitate,  presence  of  copper.) 

From  the  volume  of  0.5  F  Na2S03  solution  added,  calculate  the 
milligrams  of  copper  in  the  sample  or  solution  being  analyzed. 

Filter  the  mixture  (Note  5).  Suck  the  water  from  the  precipitate 
but  do  not  wash  it.  Transfer  the  filtrate  to  a  10  ml  graduated 
cylinder  (do  not  dilute  it).  Treat  the  precipitate  by  P.  35.  Treat 
the  solution  by  P.  36. 


Notes 

3.  If  a  1  F  solution  of  sodium  thiosulfate,  Na2S203,  is  available,  it  can  be 
substituted  for  the  Na2S03.  From  the  volume  of  the  thiosulfate  added  the 
quantity  of  copper  present  can  be  calculated  (see  the  Discussion). 

4.  Avoid  an  excess  of  the  sulfite.  Such  an  excess  imparts  a  pale  yellow  color 
to  the  solution,  caused  by  the  complex  compound  S02I_. 

5.  This  precipitate  may  be  very  finely  divided;  use  a  moderately  retentive 
filter  paper.  Even  should  some  of  the  precipitate  pass  through  the  filter  no 
interference  with  the  detection  of  nickel  will  occur. 


PROCEDURE   35 

CONFIRMATORY  TEST  FOR  COPPER 

Discussion.  This  confirmatory  test  need  be  applied  only  when  the 
precipitate  obtained  in  P.  34  is  so  small  as  to  cause  doubt  as  to  the 
presence  of  copper. 
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When  a  small  cuprous  iodide  precipitate  is  dissolved  in  ammonia 
two  reactions  take  place  and  a  blue  color  is  obtained.  First,  the  color- 
less cuprous  ammine  complex  is  formed,  and,  second,  this  complex  is 
oxidized  by  the  oxygen  of  the  air  (and  in  the  procedure  below  by  H202) 
and  the  blue  cupric  ammine  complex  is  obtained. 

Cul  +  2NH3  =  Cu(NH3)2+  +  I- 
2Cu(NH3)2+  +  i02  +  H20  +  4NH3  =  2Cu(NH3)4++  +  20H- 

This  blue  color  does  not  confirm  the  presence  of  copper,  since  nickel 
causes  a  similar  color;  therefore  a  more  specific  test  is  obtained  by 
acidifying  the  solution  and  adding  a  soluble  ferrocyanide. 

The  extremely  insoluble  blue  compounds  formed  by  Fe(III)  and 
Fe(CN)6"  (hexacyanoferrate(II)  or  ferrocyanide)  and  by  Fe(II)  and 
Fe(CN)6a  (hexacyanoferrate(III)  or  ferricyanide)  are  interesting  be- 
cause of  the  uncertainty  as  to  the  oxidation  states  of  the  iron  atoms. 
Evidence  indicates  that  because  of  the  equilibrium 

Fe+++  +  Fe(CN)6=  =  Fe++  +  Fe(CN)6s 

the  precipitate  obtained  in  the  presence  of  potassium  salts  is  the  same 
substance  and  has  the  formula  KFeFe(CN)6. 

A  similar  situation  exists  when  ferrocyanide  is  added  to  a  cupric  salt 
solution.  An  extremely  insoluble  red-brown  compound  is  formed  which 
is  believed  to  have  the  formula  K2CuFe(CN)6  and  which  can  be  either 
a  potassium  cupric  ferrocyanide  or  a  potassium  cuprous  ferricyanide. 
This  red-brown  precipitate  is  used  in  the  confirmatory  test  below. 

P.  35.     instructions.     Confirmatory  Test  for  Copper 

Affix  a  test  tube  to  the  funnel  containing  the  cuprous  iodide 
precipitate.  Pour  1-2  ml  of  6  F  NH4OH  over  the  precipitate.  Col- 
lect the  solution  in  the  test  tube.  Add  3  drops  of  1  F  H202.  {Blue 
color,  probable  presence  of  copper.) 

Add  to  the  solution  2  ml  of  water  and  0.5  ml  of  0.25  F 
K4Fe(CN)6,  then  add  3  ml  of  6  F  CH3COOH  (the  pB.  should  be 
less  than  6).  (Red-brown  precipitate,  presence  of  copper.) 
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PROCEDURE    36 

DETECTION  OF  NICKEL 

Discussion.  Certain  complex-forming  compounds,  or  ligands,  can 
occupy  two  or  more  of  the  available  coordination  positions  of  a  central 
positive  element;  such  compounds  are  called  chelating  agents,  a  term 
derived  from  the  Greek  word  for  a  crab's  claw.  These  agents  are  fre- 
quently organic  compounds,  and  one  of  them,  dimethylglyoxime,  is 
used  in  the  procedure  below  to  precipitate  the  nickel  as  voluminous, 
brilliant  red  nickel  dimethylglyoxime. 

The   structural   formula   of   dimethylglyoxime  can   be   written   as 
follows: 

H3C  CH3 

\  / 

C— C 

N    N 

/  \ 

H— O  O— H 

Two  moles  of  the  compound  combine  with  Ni(II)  but  only  one  of  the 
acidic  hydrogens  is  removed  from  each  of  the  dimethylglyoxime  mole- 
cules and  the  reaction  can  be  written  as  follows: 

2(CH3)2C2(NOH)2  +  Ni+  +  =  [(CH3)2C2NOH-NO]2Ni  +  2H+ 

The  probable  structure  of  the  molecule  is  shown  below : 

H3C  CH3 

\  / 

C C 

O— N  N— O 

\    /  \ 

H  Ni  H 

\  /     \ 

O— N  N— O 

II  II 

C C 

/         \ 

H3C  CH3 

The  central  portion  of  the  molecule  is  of  predominant  importance  in 
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determining  the  physical  characteristics  of  the  compound;  other  or- 
ganic groups  can  be  substituted  for  the  CH3  radicals  with  little  change 
in  the  properties  of  the  molecule. 

The  physical  properties  of  nickel  dimethylglyoxime  are  evidence 
that  the  compound  is  not  an  ordinary  salt.  It  is  a  nonelectrolyte.  It  is 
extremely  insoluble  in  water  but  the  precipitate  can  be  dissolved  and 
extracted  from  aqueous  solutions  by  chloroform  and  other  organic 
solvents  immiscible  with  water.  Finally,  when  heated  to  approximately 
250°,  it  sublimes  without  decomposition. 

The  nickel  dimethylglyoxime  precipitate  is  so  voluminous  that  only 
a  portion  of  the  solution  is  taken  if  large  quantities  of  nickel  are  present. 


P.  36.     instructions.     Detection  and  Estimation  of  Nickel 

as  Nickel  Dimethylglyoxime 

Detection  of  Nickel.  To  the  solution  from  P.  34  add  6  F  NH4OH 
until  it  is  alkaline,  then  add  a  0.5  ml  excess  (Note  1). 

If  the  solution  has  a  perceptible  blue  color,  take  one  tenth  of  it, 
dilute  this  portion  to  5  ml,  and  treat  it  as  directed  below. 

Add  to  the  solution  to  be  treated  0.5  ml  of  0.1  F  (CH3)2C2(NOH)2 
(dimethylglyoxime) ;  mix  the  solution.  (Red  precipitate,  presence  of 
nickel.) 

Estimation  of  Nickel.  If  nickel  is  present  take  4  ml  of  water  and 
1  ml  of  6  F  NH4OH  in  a  15  ml  test  tube,  then  add  0.1  ml  of 
nickel  known  solution  (10  mg  Ni(II)  per  ml).  Add  0.5  ml  of 
0.1  F  (CH3)2C2(NOH)2;  mix  the  solution.  Adjust  the  volume  of 
solution  in  this  tube  to  that  of  the  solution  being  analyzed,  then 
centrifuge  both  tubes.  Compare  the  volumes  of  the  red  precipitates 
and  make  an  approximate  estimate  as  to  the  milligrams  of  nickel 
in  the  sample  or  solution  being  analyzed. 

Note 

1.  If  a  great  excess  of  ammonia  is  added,  a  lavender  precipitate  of  the 
slightly  soluble  salt  Ni(NH3)6l2  may  form;  this  should  be  dissolved  by  adding 
a  minimum  amount  of  6  F  HO,  and  then  adding  the  proper  quantity  of 
NH4OH. 
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Tabular  Outline  8 


Analysis  of  the  Soluble  Basic  Element 
Group  (Sodium  and  Potassium) 


Option  A:  Preliminary  Flame  Tests 

P.  41.   Treat  separate  sample  with  HCl 

Moisten  platinum  wire  with  HCl  solution.  Heat  wire  in  colorless  flame 

Yellow  flame:  presence  of  Na 
Violet  flame:    presence  of  K 


Option  B:  Detection  and  Estimation  of  Sodium  and  Potassium 

P.  42.   Treat  separate  sample  with  CaO  and  (AT//4)2C03 
Boil  until  XII 3  is  expelled 


Solution:  Na+,  K+;  I~   Br"   Cl" 
Dilute  to  5  ml.  Take  portions 


N03 


P.  43.  Take   1    mi 
portion.  Add 
CH3COOH  and 
NthCo(NOs), 

Precipitate : 

K2NaCo(N02)6 
(yellow) 


P.  44.  Take   2   ml 
portion.  Add 
ClhCOOH  and 
Mg(ClOt)i 


Residue:  Mn203,  Ti02,  FeO,  Fe203,  BaC03, 
CaC03)  MgC03,  Ag20,  CuO,  NiO,  PbC03( 

Ca3(As04)2,  Sn(OH)4,  A1203,  ZnOZnC03, 

Cr(OH)3,  Ca(V03)2)  Ca3(P04)2>  CaF2> 

CaSi03,  CaS04 

CaC03  and  excess  Ca(OH)2 

Discard 


Precipitate: 
KC104 
Discard 


Solution:  Add  Mg{CIhCOO)2- 
U02(CH3COO)2  reagent 

Precipitate:    XaMg(U02)3(CH3COO)9- 6H20 
(pale  yellow  crystals) 


Analysis  of  the  Soluble  Basic  Element  Group 

(AT,  No)  P.  41-44 


General  Discussion 

As  was  explained  in  P.  2,  sodium  and  potassium  are  the  only  elements 
of  the  first  column  of  the  periodic  system  which  are  provided  for  in 
this  system  of  analysis.  A  separate  sample  is  used  for  their  analysis 
because,  first,  their  hydroxides  and  oxides  are  soluble  and  are  not  pre- 
cipitated with  the  Basic  Element  Group.  Second,  large  quantities  of 
Alkali  Metal  compounds  are  used  in  the  fusion  of  the  sample. 

Two  optional  methods  are  provided  for  the  analysis  of  these  two 
elements. 

Option  A  is  to  be  used  in  case  only  the  qualitative  detection  of  these 
elements  is  wanted,  or  as  a  preliminary  test  to  save  the  time  required 
to  do  P.  42  to  P.  44  in  the  absence  of  these  elements.  This  option  con- 
sists of  flame  tests  made  as  directed  in  P.  41  below. 

Option  B  is  to  be  used  if  more  quantitative  information  is  desired, 
and  P.  42  to  P.  44  provide  for  the  elimination  of  interfering  constitu- 
ents and  the  precipitation  and  estimation  of  each  element. 

The  details  of  the  analysis  in  each  of  these  cases  is  shown  in  Tabular 
Outline  8  and  the  procedure  sequence  is  shown  in  Flow  Sheet  6. 

Consult  your  instructor  as  to  which  option  to  use. 


Option  A.  Flame  Tests 

PROCEDURE    41 

FLAME  TESTS  FOR  SODIUM  AND  POTASSIUM 

Discussion.  If  sufficient  energy  is  supplied  to  an  element  having  its 
outer  electrons  in  their  normal  states,  certain  of  these  electrons  will 
absorb  this  energy  and  will  be  displaced  to  higher  energy  levels,  pro- 
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FLOW  SHEET  6 


Procedure  Sequence  for  the  Analysis 
for  the  Soluble  Basic  Element  Group 
(Sodium  and  Potassium) 


Use  a  separate  sample 


P.  41.  Flame  Tests  for  So- 
dium and  Potassium 


I 

(Sodium  and/or  Potassium  present) 

I 


P.  42.  Elimination  of  Inter- 
fering Constituents.  Treat 
sample  with  CaO,  II-iO,  and 

(NH<hC03 


(Residue) 


Discard 


-(Divide  Solution) 


P.  43.   1  ml  portion.  Detection  and  Es- 
timation of  Potassium.  Add  CHzCOOH 

and  Na3Co{N02)s 


P.  44.  2  ml  portion.  Detection  and  Es- 
timation  of   Sodium.    Add   CH3C00H 

and  MgiClOt).; 

(Discard  precipitate) 

To  solution  add  Mg(CH3COO)2- 
UO^CHiCOOh  reagent 
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ducing  what  are  termed  "excited  states."  When  one  of  these  "excited" 
electrons  returns  to  its  normal  state,  a  quantity  of  energy  equal  to  that 
absorbed  will  be  emitted  as  radiant  energy  having  a  wave  length  which 
will  be  characteristic  of  that  element  and  of  the  particular  change  in 
electronic  energy  levels.  Thus  light  of  this  particular  wave  length  or 
color  can  be  used  to  identify  that  element. 

These  principles  are  the  basis  of  chemical  analysis  by  emission  spec- 
troscopy. Excitation  of  the  elements  is  obtained  by  heat  or  electrical 
energy  and  the  emitted  light  is  observed,  visually  or  photographically, 
after  it  has  been  passed  through  a  spectroscope.  The  characteristic 
wave  lengths  or  spectral  lines  of  this  light  serve  to  identify  the  ele- 
ments, and  a  measurement  of  the  intensity  of  these  lines  can  be  used 
to  determine  the  quantity  present. 

The  heat  of  a  gas  burner  is  adequate  to  cause  certain  elements  to 
emit  light  of  such  characteristic  color  and  intensity  that  these  elements 
can  be  detected  with  considerable  certainty  and  sensitivity  by  visually 
observing  the  flame.  Such  a  procedure  is  termed  a  "flame  test"  and  is 
used  in  the  procedure  below  for  the  detection  of  sodium  and  potassium. 
The  flame  colors  produced  by  some  of  the  jelements  are  as  follows: 
sodium,  yellow;  potassium,  violet;  calcium,  orange-red;\  strontium, 
crimson-red;  barium,  copper,  boron,  green. 

In  case  sodium  is  present,  the  intense  yellow  color  produced  by  the 
sodium  may  interfere  with  the  visibility  of  the  violet  potassium  color 
in  the  flame.  This  interference  can  be  reduced  by  viewing  the  flame 
through  a  double  thickness  of  cobalt  glass  which  absorbs  the  yellow 
light  strongly. 


P.  41.     instructions.     Flame  Tests  for  Sodium  and 

Potassium 

Clean  a  platinum  wire  (which  has  one  end  coiled  into  a  loop 
capable  of  holding  a  small  drop  of  solution,  and  the  other  end 
sealed  in  a  piece  of  glass  tubing)  by  dipping  it  into  12  F  HC1  and 
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then  heating  it  in  a  small  oxidizing  (colorless)  flame  until  any 
color  disappears  {Note  1). 

Place  10-20  mg  of  the  sample  in  a  small  clean  porcelain  crucible, 
add  0.5  ml  of  12  F  HC1,  then  gently  heat  the  mixture  until  the 
volume  is  reduced  to  0.2  ml  (Note  2).  Dip  the  tip  of  the  platinum 
wire  into  the  HO  solution,  then  insert  the  tip  in  the  outer  edge  of 
the  flame  about  midway  between  the  base  and  tip.  Observe  any 
colors  in  the  flame;  use  a  direct  spectroscope  if  one  is  available 
{Note  3).  (Yellow  flame,  presence  of  sodium;  violet  flame,  presence 
of  potassium.)  If  sodium  is  present,  view  the  flame  through  a 
double  thickness  of  cobalt  glass. 

Notes 

1.  Never  heat  platinum  ware  with  a  reducing  (luminous)  flame!  This  causes 
the  platinum  to  become  brittle  and  subject  to  corrosion.  If  a  reducing 
flame  is  used  in  a  flame  test,  certain  elements  may  be  reduced  and  alloy 
with  the  wire.  Nichrome  wire  can  be  substituted  for  platinum  but  is  more 
rapidly  attacked  by  the  acid  solutions. 

2.  The  sample  is  first  heated  with  the  concentrated  hydrochloric  acid  in 
order  to  reduce  oxidizing  agents  which  would  tend  to  oxidize  and  dissolve 
the  platinum  wire  with  formation  of  the  chloroplatinate  ion,  PtCl6=.  Hydro- 
chloric acid  is  used  because  of  the  volatility  of  the  alkali  metal  chlorides; 
the  nitrates  and  sulfates  decompose  to  the  nonvolatile  oxides. 

3.  If  you  are  unfamiliar  with  flame  tests,  add  separate  0.1  ml  portions  of 
the  sodium  and  potassium  known  solutions  to  0.2  ml  portions  of  6  F  HC1,  and 
compare  the  flames  produced  with  those  produced  by  the  sample. 


Option  B.  Detection  and  Estimation  of  Sodium  and  Potassium 


PROCEDURE   42 

ELIMINATION  OF  INTERFERING 
CONSTITUENTS 

Discussion.  Many  of  the  other  elements  would  interfere  with  the 
analysis  for  the  Alkali  Metals  by  hydrolyzing  in  the  weakly  acidic 
solutions  used  or  by  causing  misleading  precipitates.  Therefore  they 
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must  be  removed  before  the  specific  tests  for  sodium  and  potassium 
are  made.  This  is  accomplished  by  treating  the  sample  with  a  mixture 
of  calcium  oxide  and  water,  adding  ammonium  carbonate,  and  then 
boiling  the  mixture  until  the  ammonia  is  removed.  This  treatment 
provides  a  calcium  hydroxide-calcium  carbonate  mixture  which  causes 
most  of  the  basic  and  amphoteric  elements  to  be  precipitated  as  oxides 
and  carbonates.  Those  acidic  elements  existing  as  anions  which  would 
interfere  with  this  procedure,  such  as  phosphate  and  arsenate,  are  pre- 
cipitated as  the  calcium  salts.  The  ammonia  is  removed  in  order  to 
obtain  quantitative  precipitation  of  those  elements  forming  stable 
ammine  complex  cations;  in  addition,  the  ammonium  ion  is  quite 
similar  to  the  potassium  ion  and,  if  present  even  in  small  amounts, 
would  give  a  false  positive  test  for  potassium.  The  compounds  found 
in  the  residue  after  this  treatment  are  shown  in  Tabular  Outline  8. 

P.  42.     instructions.     Elimination  of  Interfering 

Constituents 

Weigh  out  and  transfer  to  a  25  ml  flask  a  50  mg  sample  of  the 
material  to  be  analyzed.  Add  100  mg  of  powdered  CaO  and 
thoroughly  mix  the  materials  with  a  stirring  rod  having  a  flattened 
end  (Note  1).  Slowly  add  5  ml  of  water.  After  any  vigorous  action 
has  ceased,  gently  boil  the  mixture  for  2-3  minutes.  Add  0.1  gram 
of  solid  "ammonium  carbonate,"  swirl  the  mixture  continuously, 
and  boil  it  until  the  odor  of  NH3  can  no  longer  be  detected  above 
the  neck  of  the  flask.  Replace  the  water  lost  by  evaporation  and 
again  boil  the  mixture  until  a  piece  of  moistened  red  litmus  paper 

Note 

1.  In  case  in  P.l  the  presence  of  permanganate  or  chromate  was  indicated 
by  the  preliminary  observations  on  the  sample  itself,  or  the  color  of  the  water 
soluble  portion,  or  the  behavior  of  the  residue  when  treated  with  HC1,  proceed 
as  follows  before  adding  the  CaO: 

Thoroughly  moisten  the  sample  with  12  F  HC1.  Warm  the  flask  above  a  low 
flame  until  excess  acid  is  removed.  Cool  the  flask  and  repeat  this  process. 
Add  the  CaO  and  proceed  as  directed  above. 

Permanganate  and  chromate  would  not  be  removed  by  the  CaO — (NH4)2C03 
treatment  and  would  be  reduced  by  the  cobaltinitrite  reagent  used  in  P.  43. 
The  HC1  reduces  the  permanganate  to  Mn(II)  and  the  chromate  to  Cr(III). 
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held  in  the  escaping  steam  no  longer  turns  blue.  Boil  for  3  minutes 
more.  If  the  volume  is  greater  than  3  ml  again  boil  until  it  is  less 
than  this  volume. 

Filter  the  mixture  by  decantation,  add  2  ml  of  water  to  the  resi- 
due in  the  flask,  heat  the  mixture  to  boiling,  and  pour  the  solution 
through  the  filter. 

Discard  the  residue. 

Transfer  the  solution  to  a  10  ml  graduate,  add  water  until  the 
volume  is  just  5  ml,  then  mix  the  solution.  Treat  portions  by 
P.  43  and  P.  44. 


PROCEDURE    43 

PRECIPITATION  OF  POTASSIUM  AS 
COBALTINITRITE 

Discussion.  Two  of  the  few  very  insoluble  compounds  of  potassium 
are  tripotassium  cobaltinitrite,  K3Co(N02)6,  and  dipotassium  sodium 
cobaltinitrite,  K2NaCo(N02)6;  this  latter  forms  in  the  presence  of  high 
sodium  ion  concentrations.  In  this  procedure  potassium  is  detected  as 
the  dipotassium  sodium  compound.  K2NaCo(N02)6  is  not  only  very 
insoluble  but  is  very  voluminous,  has  a  distinctive  yellowish  color,  and 
therefore  affords  a  very  sensitive  means  of  detecting  potassium.  The 
reagent  used  is  0.1  F  in  Na3Co(N02)6,  3  F  in  NaN02,  and  1  F  in 
CH3COOH.  A  slow  reduction  of  the  Co  (III)  occurs  in  this  solution; 
therefore  the  reagent  should  be  prepared  as  needed. 

The  cobaltinitrite  ion  is  an  interesting  example  of  the  role  which 
complex  ion  formation  can  exert  in  the  stabilization  of  an  unstable 
oxidation  state.  The  formal  potential  of  the  half  cell 

Co++  =  Co+++  +  e" 

is  — 1.8  volts  in  3  F  HN03,  and  cobaltic  ion  is  such  a  powerful  oxidizing 
agent  that  in  solutions  of  noncomplex-forming  acids  there  is  rapid  oxi- 
dation of  water  to  oxygen. 

2Co+++  +  H20  =  2Co++  +  ^02  +  2H+ 
However,  because  of  the  extreme  stability  of  the  cobaltinitrite  ion, 
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nitrous  acid  is  capable  of  oxidizing  solutions  of  Co(II)  to  Co(III)  with 
formation  of  the  complex  ion. 

Co++  +  7N02-  +  2H+  =  Co(N02)«r  +  NO  +  H20 


P.  43.     instructions.     Precipitation  of  Potassium  as 

Cobaltinitrite 

Transfer  1  ml  of  the  solution  from  P.  42  to  a  15  ml  test  tube,  and 
add  2  drops  of  6  F  CH3COOH  (the  pR  should  be  less  than  6).  Add 
1  ml  of  0.1  F  Na3Co(N02)6  reagent,  shake  the  solution  for  10-15 
seconds,  and  let  it  stand  for  5  minutes.  (Yellow  precipitate,  pres- 
ence of  potassium.) 

If  potassium  is  present,  take  0.5  ml  of  the  potassium  known 
solution,  add  0.5  ml  of  water,  and  treat  it  by  the  above  procedure. 
From  the  relative  volumes  of  the  precipitates,  make  an  approxi- 
mate estimate  as  to  the  quantity  of  potassium  in  the  sample 
being  analyzed. 


PROCEDURE   44 

PRECIPITATION  OF  SODIUM  MAGNESIUM 
URANYL  ACETATE 

Discussion.     The  complex  compound  NaMg(U02)3(CH3COO)9-6H20 

is  relatively  insoluble  and  is  used  as  the  basis  for  the  detection  of 
sodium.  The  corresponding  potassium  compound  is  only  moderately 
soluble ;  therefore,  most  of  any  potassium  which  may  be  present  is  first 
removed  by  precipitation  as  KC104.  The  reagent  used  to  precipitate 
the  sodium  is  1.5  F  in  Mg(CH3COO)2,  0.25  F  in  U02(CH3COO)2,  and 
2  F  in  CH3COOH. 

It  is  of  interest  in  connection  with  the  use  of  a  uranium  compound 
in  this  procedure  to  note  the  change  in  the  properties  of  the  elements 
of  column  VI&  of  the  periodic  table  as  one  descends  from  chromium 
to  molybdenum,  to  tungsten,  to  uranium.  Chromium  trioxide,  a  typical 
acid  anhydride,  is  very  soluble  in  water  and  hydrates  to  give  chromic 
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acid,  which  dimerizes  to  give  the  relatively  strong  dichromic  acid;  in 
more  concentrated  acid  solutions  higher  polymeric  acids  exist. 

Molybdenum  trioxide  is  only  moderately  soluble  in  water  and  shows 
distinct  amphoteric  properties.  The  saturated  solution  is  only  0.007  F 
and  the  solution  contains  a  complex  system  of  various  polymerized 
acids;  the  commercial  ammonium  molybdate  has  the  formula 
(NH4)6Mo7024-4H20.  Molybdenum  trioxide  dissolves  in  strong  acids 
to  form  compounds  such  as  MoO(OH)2Cl2  and  Mo02S04. 

Tungsten  trioxide  is  relatively  insoluble  in  water  and  in  noncomplex- 
forming  acids.  The  trioxide  is  soluble  in  alkaline  solutions  with  the 
formation  of  polymerized  anions. 

Uranium  trioxide  is  predominantly  basic ;  it  is  insoluble  in  water  and 
in  hydroxide  solutions,  but  is  dissolved  by  acids  to  form  the  uranyl  ion 
U02++.  The  reagent  and  the  complex  sodium  compound  precipitated 
in  this  procedure  contain  this  ion. 

Thus  the  change  from  the  acidic  chromium  trioxide  to  the  basic 
uranium  oxide  illustrates  the  change  from  acidic  to  basic  properties 
is  one  descends  a  column  of  the  periodic  table. 

P.  44.     instructions.     Precipitation  of  Sodium  Magnesium 

Uranyl  Acetate 

Removal  of  Potassium.  Transfer  2  ml  of  the  solution  from  P.  42 
to  a  15  ml  test  tube.  Add  1  drop  of  6  F  CH3COOH  and  2  ml  of 
3  F  Mg(C104)2.  Shake  the  solution  vigorously,  then  let  it  stand 
for  2-3  minutes. 

If  there  is  a  precipitate,  centrifuge  the  mixture  and  transfer  the 
solution  to  another  test  tube.  Discard  the  precipitate. 

Precipitation  of  Sodium.  To  the  solution  add  4  ml  of  magnesium 
uranyl  acetate  reagent.  Let  the  solution  stand  for  5  minutes.  (Pale 
greenish-yellow  precipitate,  presence  of  sodium.) 

If  sodium  is  present,  take  0.5  ml  of  sodium  known  solution,  add 
2.5  ml  of  water,  and  treat  it  by  the  above  procedure.  From  the 
relative  volumes  of  the  precipitates,  make  an  approximate  esti- 
mate as  to  the  quantity  of  sodium  in  the  sample  being  analyzed. 


Analysis  of  the  Amphoteric 
Element  Group 


General  Discussion 

As  was  explained  in  the  analysis  of  the  Basic  Group,  it  is  advanta- 
geous to  subdivide  a  large  group  into  subgroups  before  beginning  the 
separation  of  individual  elements.  For  this  reason  the  first  step  in  the 
analysis  of  the  Amphoteric  Element  Group  is  a  procedure  whereby 
four  of  these  elements  are  precipitated  as  sulfides  and  thus  become  the 
Sulfide  Group.  This  group  is  then  divided  into  two  smaller  groups  of 
two  elements  each.  The  four  elements  not  precipitated  as  sulfides  con- 
stitute the  Aluminum-Chromium  Group;  this  group  is  likewise  divided 
into  two  smaller  groups.  Before  beginning  the  analysis  of  the  Ampho- 
teric Element  Group  it  is  advisable  to  discuss  the  general  chemistry  of 
these  elements  and  then  to  consider  the  properties  of  their  oxides  and 
sulfides  because  of  the  analytical  importance  of  these  compounds. 

Properties  of  the  Amphoteric  Group  Elements 

The  elements  constituting  the  Amphoteric  Group,  their  oxidation 
states,  and  the  anions  present  in  the  fusion  solution  are  shown  in 
Tabular  Outline  9,  page  284.  Also  shown  is  the  separation  of  these  ele- 
ments into  two  subgroups.  The  behavior  of  these  elements  in  acids,  in 
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essentially  neutral  solutions,  and  in  alkaline  solutions  is  shown  in 
Table  8.  An  inspection  of  this  table  shows  that  the  majority  of  these 

TABLE  8     Properties  of  the  Amphoteric  Group  Elements 

Position  in  the  periodic  table,  common  oxidation  states, 
and  behavior  in  solutions  having  various  pH  values 

Compounds  or  Ions  Formed 


ement 

Column 

Oxidation 
State* 

1  F  HN03 

pH7-8 

1  F  NaOH 

Cu 

16 

+  1 

a 

a 

Cu20 

+2 

Cu++ 

CuO 

CuO,   (Cu(OH)r) 

Zn 

lib 

+  2 

Zn++ 

Zn(OH)2 

Zn(OH)3- 

Al 

Ilia 

+3 

A1+++ 

Al(OH), 

Al(OH)4~ 

Sn 

TVb 

+  2 

Sn++fc 

Sn(OH)2 

Sn(OH)3- 

+4 

Sn02-(H20)x< 

Sn02-(H20)x 

Sn(OH)6= 

Pb 

TVb 

+  2 

Pb++ 

Pb(OH)2 

Pb(OH)4= 

+4 

Pb02 

Pb02 

Pb02,  (Pb(OH),~) 

V 

Vb 

+  4 

V(OH)2++ 

V(OH)4 

v4o9= 

+5 

V(OH)4+ 

V206,  HVO3 

vo3- 

As 

\b 

+  3 

H3ASO3 

H3As03 

H2As03- 

+5 

H3ASO4 

HAs04= 

As04s 

Cr 

VI6 

+  3 

Cr+++ 

Cr(OH)3 

Cr(OH)3d 

+  6 

Cr207=, 
HCr207- 

Cr04=, 
Cr207=, 
and  HCr04_ 

Cr04= 

Notes. 

*  Less  Common  Oxidation  States.  Compounds  of  V(II),  Cr(II),  and  V(III)  exist.  The  oxides  are 
predominantly  basic.  Solutions  of  the  salts  are  powerful  reducing  agents  and  are  oxidized  on  ex- 
posure to  air.  Powerful  reducing  agents,  such  as  metallic  zinc,  are  capable  of  reducing  com- 
pounds of  As(III)  and  As(V)  to  the  trinegative  state  with  the  formation  of  arsine,  AsH3,  a  volatile 
gas. 

0  Unless  stabilized  as  a  complex  ion,  such  as  CuCl2_,  or  an  insoluble  compound,  such  as  Cul, 
cuprous  ion  disproportionates  as  follows:  2Cu+  =  Cu  +  Cu++. 

*  Solutions  of  Sn(II)  are  vigorous  reducing  agents  and  are  oxidized  by  nitric  acid  and  by  the 
oxygen  of  the  air. 

c  Freshly  precipitated  Sn02(H20)I  is  insoluble  in  HN03  or  HC104,  but  is  soluble  in  HC1  because 
of  the  formation  of  the  complex  ion  SnCl6=. 

d  Stable  colloidal  suspensions  of  Cr(OH)3  are  formed. 


elements  are  typically  amphoteric  in  their  properties  when  in  their 
more  common  oxidation  states.  Thus  they  exist  as  cations  in  acid  solu- 
tions, are  precipitated  as  oxides  in  neutral  or  slightly  alkaline  solutions, 
but  these  oxides  dissolve  as  anions  in  strongly  alkaline  solutions.  There 
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are  four  elements  whose  behavior  is  exceptional.  First,  copper,  which  in 
the  bipositive  state  is  predominantly  basic  and  dissolves  in  the  fusion 
solution  to  only  a  slight  extent.  Second,  quadripositive  tin,  which  is  so 
acidic  that  Sn02  is  not  dissolved  by  even  concentrated  nitric  acid. 
Third,  arsenic,  which  is  predominantly  acidic  as  As(V).  Tin  and  arsenic 
are  included  in  this  group  because  their  sulfides  are  precipitated  in 
acid  solutions.  Provision  is  made  also  for  the  detection  of  arsenic  in 
the  Acidic  Element  Group.  Fourth,  chromium,  which  as  Cr(III)  is 
amphoteric  but  becomes  acidic  when  oxidized  to  Cr(VI). 

Oxide  and  Sulfide  Separations 

Many  of  the  classical  analytical  separations  depend  upon  the  pre- 
cipitation of  either  oxides  (hydroxides  or  hydrous  oxides)  or  of  sulfides. 
There  are  two  reasons  for  this  fact.  First,  the  oxides  and  sulfides  vary 
tremendously  in  their  solubilities  in  aqueous  solutions.  Not  only  does 
the  solubility  vary  with  each  element  but  with  each  oxidation  state  of 
a  given  element.  Second,  when  precipitating  the  oxides,  the  concentra- 
tion of  the  precipitant,  which  can  be  considered  to  be  hydroxyl  ion, 
can  be  controlled  by  control  of  the  pU  over  a  range  from  10  molar  in 
concentrated  alkali  hydroxide  solutions  to  10~15  molar  or  less  in  con- 
centrated solutions  of  strong  acids.  Hydrogen  sulfide  is  a  weak  diprotic 
acid;  therefore,  a  similar  control  of  the  sulfide  ion  concentration,  and 
of  the  solubility  of  a  given  sulfide,  can  be  obtained  by  control  of  the 
hydrogen  ion  concentration.  This  effect  has  been  discussed  in  Chapter 
5  under  Sulfide  Separations,  page  87. 

As  has  been  stated  previously,  use  is  made  of  the  acidic  and  basic 
properties  of  the  elements  for  effecting  their  separation  into  the  three 
main  groups  of  this  system.  The  Basic  Element  Group  is  composed 
of  those  elements  forming  insoluble  oxides  which  do  not  dissolve  in 
hydroxide  solutions  to  give  oxide  or  hydroxide  anions;  the  Ampho- 
teric Element  Group  is  made  up  primarily  of  those  elements  forming 
insoluble  oxides  which  do  dissolve  in  hydroxide  solutions  to  form  such 
anions;  the  Acidic  Element  Group  includes  those  elements  which  are 
characterized  by  their  oxides  dissolving  in  water  to  form  oxygen  acids. 

If  you  will  look  at  the  chart  of  the  periodic  system,  you  will  find 
sulfur  in  column  Via,  directly  under  oxygen.  Because  of  this,  some 
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similarity  in  the  properties  of  oxides  and  sulfides  is  to  be  expected 
and  is  found  to  exist.  Thus  the  sulfides  and  acid  sulfides  of  the  Alkali 

TABLE  10     Behavior  of  Certain  Elements  in  Various  Sulfide  Solutions 

The  elements  are  arranged  in  approximately  the  order  in  which  they  precipitate  as 
a  concentrated  HC1  solution  is  progressively  diluted  and  kept  saturated  with  H2S. 
Only  the  sulfides  of  arsenic  are  quantitatively  precipitated  from  hot  9  F  HC1. 


Acid  Solutions 

Saturated 

with  H2S 

Alkaline 

Solutions 

HC1  0.3  F 

Element*  and 

or  thio- 

[H+]  =  10-9 

Oxidation 

acetamide 

(NH4)2S 

NaOH  1  F 

State 

HC1  3  F      y 

pvithO.lFHCl 

[H+]  =  10"6 

NH4OH 

Na2S     1  F 

As(V) 

As2S8a 

As2S5a 

As2S6a 

AsSr4 

AsS4E3 

As(III) 

As2S3 

As2S3 

As2S3 

AsSr« 

AsS-r' 

Hg(II) 

HgS 

HgS 

HgS 

HgS 

HgS2= 

Cu(II) 

CuS 

CuS 

CuS 

CuS 

CuS 

Ag(I) 

Ag2S 

Ag2S 

Ag2S 

Ag2S 

Ag2S 

Sb(V) 

Sb2S6 

Sb2S5 

Sb2S5 

SbS4s 

SbS4s 

Sb(III) 

Sb2S3 

Sb2S3 

Sb2S3 

SbSr= 

SbS-f< 

Bi(III) 

Bicir 

Bi2S3 

Bi2S3 

Bi2S3 

Bi2S3 

Sn(IV) 

SnCl6= 

SnS2 

SnS2 

SnS3= 

SnS3= 

Cd(II) 

CdCl4= 

CdS 

CdS 

CdS 

CdS 

Pb(II) 

Pbcir 

PbS 

PbS 

PbS 

PbS 

Sn(II) 

SnCU= 

SnS 

SnS 

SnSd 

SnSd 

Zn(II) 

ZnCl3- 

ZnCl3- 

ZnS 

ZnS 

ZnS 

Co(II) 

Co++ 

Co++ 

CoS 

CoS 

CoS 

Ni(II) 

Ni++ 

Ni++ 

NiS 

NiS 

NiS 

Fe(II)e 

Fe++ 

Fe++ 

Fe++ 

FeS 

FeS 

Mn(II) 

Mn++ 

Mn++ 

Mn++ 

MnS 

MnS 

*The  sulfides  of  titanium,  aluminum,  and  chromium  are  unstable  in  water  because  of  hydrolysis 
to  the  hydrous  oxides  and  H2S. 

Sulfides  of  V(IV)  and  V(V)  are  not  quantitatively  precipitated  from  acid  solutions;  thioanions 
are  formed  in  alkaline  sulfide  solutions — acidification  of  such  solutions  results  in  only  partial 
precipitation  of  VS2  and  V2Ss. 

0  As2S3  and  S  are  also  formed.  The  rate  of  precipitation  by  H2S  is  slow. 

b  The  exact  formulas  of  many  of  the  sulfo  anions  have  not  been  established. 

c  When  S2=  is  present  the  higher  oxidation  state  is  formed. 

dSnS  dissolves  to  a  slight  extent  in  concentrated  monosulfide  solutions;  it  is  oxidized  and 
dissolves  in  polysulfide  solutions. 

*  Fe(III)  is  reduced  to  Fe(II)  by  H2S  in  acid  solutions;  in  alkaline  sulfide  solutions  Fe2S3  is 
precipitated. 
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and  Alkaline  Earth  elements  dissolve  in  water  to  give  the  metal  ion 
and  HS~,  which  is  analogous  to  the  dissolving  of  the  oxides  and  hy- 
droxides of  these  elements  to  give  metal  ion  and  OH-.  Many  of  the 
typically  basic  elements  form  oxides  insoluble  in  both  neutral  solutions 
and  in  solutions  having  a  high  concentration  of  OH-  (for  example, 
MnO,  FeO,  CoO,  NiO) .  These  same  elements  likewise  form  correspond- 
ing sulfides  (MnS,  FeS,  CoS,  NiS)  which  are  insoluble  in  neutral  solu- 
tions and  in  solutions  having  a  high  HS~  concentration. 

Finally,  consider  the  analogy  between  the  oxides  As203,  Sb203,  and 
Sn02,  and  the  sulfides  As2S3,  Sb2S3,  and  SnS2.  The  oxides  are  only 
slightly  soluble  in  water  but  dissolve  in  alkaline  solutions  to  form  oxide 
or  hydroxide  anions;  the  sulfides  are  insoluble  in  water  but  dissolve  in 
alkaline  solutions  having  a  high  concentration  of  HS-  or  S=  to  form 
sulfo  anions.  The  analogy  between  the  oxides  and  oxygen  anions  and 
the  sulfides  and  sulfur  anions  has  been  discussed  at  some  length  be- 
cause of  the  importance  in  analytical  chemistry  of  these  compounds 
for  effecting  both  group  and  single  element  separations. 

Table  9  shows  the  positions  in  the  periodic  table  of  the  elements 
which  form  analytically  useful  sulfides.  The  precipitates  and  ions 
formed  by  certain  elements  in  various  sulfide  solutions  are  shown  in 
Table  10. 
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Tabular  Outline  9 


Separation  of   the  Amphoteric 
Element  Group  into  Subgroups 


Fusion  Solution  from  P.  3:  Amphoteric  Elements 
Pb(OH)4=   Cu(OH)3-,  AsOA  Sn(OH)6=  Al(OH)r,  Zn(OH)r,  Cr04=  V03~ 
(also  Na+  K+,  and  Acidic  Elements;  OH"  NOr,  N02-,  C03=) 

P.  51.  Partly  neutralize  -portion  with  IICl;  add  excess  HN03.     Heat  {NO  and  A02) 
Pb++,  Cu++,  H3As04>  HoSnCle,  A1+++  Zn++   Cr+++  V(OH)2++ 

Add  CH3CSNH2    Heat.  Add  (A7tf4)2S04.     Again  heat 


Precipitate: 

Solution: 

PbS,  CuS,  As2S3,  SnS2,  S 

A1+++  Zn++,  Cr+++,  V(OH)2++ 

(Si02-xH20) 

(CH3CSNH2,  CH3CONH2)  H+  CI", 

HS04~,  and  Acidic  Elements) 

The  Sulfide  Group 

The  Aluminum-Chromium  Group 

Separation  of  the  Amphoteric  Element  Group  into 

Subgroups  P.  51 


PROCEDURE   51 

SEPARATION  OF  THE  SULFIDE  GROUP 
FROM  THE  ALUMINUM-CHROMIUM  GROUP 

Discussion.  Precipitation  of  the  Sulfide  Group.  A  brief  discussion  of 
sulfide  separations  and  certain  of  the  factors  leading  to  their  exten- 
sive use  has  been  given  in  Chapter  5,  p.  87;  this  material  should 
be  reviewed.  That  discussion  was  concerned  mainly  with  separations 
in  acid  solutions  and  it  was  emphasized  that  such  separations  are  of 
great  analytical  importance.  This  is  true,  first,  because  of  the  tre- 
mendous differences  in  the  solubilities  of  the  various  sulfides;  and, 
second,  because  of  the  extreme  range  through  which  the  sulfide  ion 
concentration  can  be  closely  controlled  by  means  of  pH  control.  A 
third  factor  contributing  to  the  use  of  sulfide  separations  results  from 
what  can  be  termed  the  amphoteric  nature  of  certain  sulfides.  That  is, 
certain  sulfides  are  soluble  in  strongly  acid  solutions,  are  relatively 
insoluble  in  neutral  solutions,  but  become  soluble  again  in  alkaline 
sulfide  solutions  because  of  the  formation  of  complex  ions  with  S= 
or  HS~.  This  behavior,  which  is  analogous  to  the  behavior  of  ampho- 
teric oxides,  is  discussed  and  made  use  of  in  P.  52. 

When  treated  by  the  instructions  given  below,  the  elements  of  the 
Amphoteric  Group  are  divided  into  two  subgroups  by  taking  advan- 
tage of  the  differences  in  the  solubilities  of  their  sulfides  and,  in  addi- 
tion, by  using  pH  control  as  a  means  of  controlling  the  sulfide  ion 
concentration  of  the  solution.  As  a  result,  lead,  copper,  arsenic,  and 
tin  are  precipitated  as  sulfides  from  a  solution  in  which  the  final  hy- 
drogen ion  concentration  is  adjusted  to  approximately  0.07  molar,  and 
these  elements  constitute  the  Sulfide  Group.  The  formulas  of  the  sul- 
fide precipitates  are  shown  in  Tabular  Outline  9;  also  shown  are  the 
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Procedure  Sequence  for  the  Separation 
of  the  Amphoteric  Element  Group 
into  Subgroups 


Fusion  Solution  (Portion  Labeled 
"P.  51") 

P.  51.  Separation  of  the  Sulfide 
Group  from  the  Aluminum-Chro- 
mium Group.  Neutralize,  add  ex- 
cess HN03 

Add  CH3CSNH2 

Add  (NHi)iSOi  to  adjust  pH 


-(Precipitate) 


1. 

(Solution)- 


P.  52.  The  Sulfide  Group 

Add  NaHS  and  NaOH 


P.  71.  The  Aluminum- 
Chromium  Group 
Add  NHiOH  and  NaHS 


1 

1 

1 

1 

(Residue) 

(Solution) 

(Precipitate) 

(Solution) 

1 

1 

1 

1 

P.  53. 

The  Lead 

Group 

FLOW 

SHEET    8 

P.  61.  The 
Arsenic  Group 

FLOW     SHEET    9 


P.  72.  Solution  of  the 
Aluminum-Chromium 
Group  Precipitate 

Detection  of  Chromium 
and  Vanadium.  Dis- 
solve in  HN03 

Dilute.  Add  H-iO-i  and 
NaOH 


P.  71.  Test    for 
Vanadium 


i. 

(Solution) 

I 


P.  73.  Separation  of  the  Aluminum 
Group  from  the  Chromium  Group. 

Saturate  with  CO2 


I 

(Precipitate) 

I 


I 

(Solution) 

I 


P.  74.  The  Aluminum  Group 

FLOW     SHEET     10 


P.  81.  The  Chromium  Group 

FLOW     SHEET     11 
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changes  taking  place  upon  acidifying  the  fusion  solution  and  carrying 
out  the  sulfide  precipitation. 

The  precipitation  of  the  sulfides  is  begun  in  a  solution  in  which  the 
hydrogen  ion  concentration  is  approximately  0.4  molar.  This  high 
initial  hydrogen  ion  concentration  is  provided  to  minimize  the  co- 
precipitation  of  zinc  with  the  Sulfide  Group  elements  and  to  obtain 
a  more  rapid  precipitation  of  As(V) ;  this  latter  effect  is  discussed  below. 

The  precipitation  of  the  sulfides  is  finished  in  a  solution  which  is 
approximately  0.07  molar  in  hydrogen  ion  in  order  to  secure  quantita- 
tive precipitation  of  PbS,  the  most  soluble  of  the  sulfides  of  the  group. 
In  order  to  avoid  excessive  dilution  of  the  solution,  this  adjustment  of 
the  hydrogen  ion  concentration  is  made  by  the  addition  of  a  quantity 
of  a  soluble  sulfate  equivalent  to  that  of  the  strong  acid  present.  Be- 
cause of  the  reaction  H+  +  S04=  =  HS04_  the  hydrogen  ion  concen- 
tration is  lowered  to  a  value  which  is  established  by  the  equilibrium 
reaction  just  shown.  Thus  the  solution  is  equivalent  to  one  which  is 
O.-i  F  in  NH4HSO4,  and  the  hydrogen  ion  concentration  is  calculated 
as  follows: 


[H+]  =  Va^2{[HS04-]  -  [H+]}  «  Vl.2  X  10-2  x  04  =  7  x  10-2 

Thioacetamide  as  a  Sulfide  Precipitant 

Sulfide  precipitations  in  acid  solution  are  conventionally  made  by 
bubbling  hydrogen  sulfide  gas  through  the  solution  until  saturation  is 
attained.  This  process  usually  results  in  the  laboratory  becoming  con- 
taminated with  the  gas.  Unfortunately,  H2S  not  only  has  an  unpleasant 
odor  but  is  as  toxic  as  HCN. 

In  the  procedure  below  instead  of  bubbling  H2S  through  the  solu- 
tion, the  organic  compound  thioacetamide,  CH3CSNH2,  is  used  as  the 
source  of  sulfide  to  reduce  the  amount  of  gas  escaping  into  the  labo- 
ratory. Thioacetamide  hydrolyzes  in  both  acid  and  alkaline  solutions. 
In  acid  solutions  the  predominant  reaction  can  be  written  as  follows: 

CH3CSNH2  +  H20  =  CH3CONH2  +  H2S 

The  compound  CH3CONH2,  acetamide,  also  hydrolyzes  in  water  as 
follows : 

CH3CONH2  +  H20  =  CH3COOH  +  NH3 
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In  acid  solutions  the  ammonia  then  reacts  to  give  ammonium  ions. 
The  acetamide  hydrolysis  is  slower  than  the  hydrolysis  of  thioacetam- 
ide  to  H2S,  and  does  not  take  place  to  a  great  extent  in  the  time 
required  to  carry  out  the  above  procedure. 

The  thioacetamide  hydrolysis  is  catalyzed  by  hydrogen  ion,  and  the 
rate  is  directly  proportional  to  the  hydrogen  ion  and  to  the  thio- 
acetamide concentrations.  H2S  is  therefore  formed  six  times  as  fast 
when  the  hydrogen  ion  concentration  is  0.4  M  as  it  is  when  the  con- 
centration is  7  X  10-2  M.  Under  certain  conditions,  usually  at  pH 
values  greater  than  approximately  3,  the  rate  at  which  certain  sulfides 
are  precipitated  is  faster  than  that  at  which  thioacetamide  hydrolyzes 
under  similar  conditions;  this  indicates  that  in  these  cases  the  sulfide 
also  can  be  formed  by  a  direct  reaction  between  the  elements  being 
precipitated  and  the  thioacetamide. 

In  the  procedure  below  the  thioacetamide  usually  does  not  hydrolyze 
sufficiently  rapidly  to  keep  the  solution  saturated  with  H2S;  therefore 
the  hydrogen  ion  concentration  at  the  conclusion  of  the  precipitation 
is  adjusted  to  a  lower  value  than  that  used  when  precipitations  are 
made  with  H2S  gas;  specifically,  to  0.07  M  rather  than  0.3  M. 

Precipitations  from  Homogeneous  Solutions 

As  has  been  mentioned  previously,  when  a  substance  is  precipitated 
from  a  solution  which  is  only  slightly  supersaturated  with  respect  to 
that  substance,  it  tends  to  precipitate  more  slowly  and  as  larger  crys- 
tals. However,  when  precipitating  a  relatively  insoluble  substance  by 
adding  a  solution  of  the  precipitant  to  another  solution,  even  dropwise, 
there  will  be  regions  of  high  supersaturation  where  the  two  solutions 
begin  to  mix.  In  this  region  the  precipitate  will  consist  of  fine  particles 
which  will  tend  to  be  difficult  to  filter  or  centrifuge  and  may  even  form 
a  stable  colloidal  suspension.  The  use  of  thioacetamide  in  this  procedure 
illustrates  a  method,  called  "precipitation  from  homogeneous  solu- 
tion," which  can  be  used  to  avoid  or  minimize  these  regions  of  high 
supersaturation.  This  method  usually  involves  adding,  not  the  pre- 
cipitant itself,  but  a  reagent  which  will  generate  the  precipitant  in  the 
solution  at  such  a  slow  rate  that  the  reagent  can  be  mixed  homogene- 
ously throughout  the  solution  before  precipitate  formation  occurs. 
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Thus  it  is  possible  in  this  procedure  to  add  the  thioacetamide  to  the 
acid  solution  and  obtain  homogeneous  mixing  before  sufficient  hydro- 
gen sulfide  has  been  formed  to  cause  precipitate  formation.  Ae  hy- 
drolysis of  the  thioacetamide  continues,  however,  the  hydrogen  sulfide 
concentration  increases  slowly,  but  throughout  the  whole  solution,  and 
eventually  sulfide  precipitation  will  begin,  but  slowly,  and  under  con- 
ditions of  relatively  low  supersaturation;  there  is  no  region  where  the 
supersaturation  is  high.  Because  the  sulfide  precipitates  slowly,  it  forms 
larger  particles  which  are  purer  and  more  readily  filterable  than  if  the 
precipitation  were  made  by  the  direct  addition  of  H2S  gas  to  a  solution. 
Many  other  reagents  besides  sulfide  can  be  generated  internally  in 
solutions  and  cause  the  formation  of  other  substances  by  homogeneous 
precipitation.  For  example,  the  hydrolysis  of  urea  to  give  ammonia 
by  the  reaction 

(NH2)2CO  +  2H20  =  H2C03  +  2NH3 

can  be  substituted  advantageously  for  the  direct  addition  of  ammo- 
nium hydroxide  in  the  precipitation  of  hydrous  oxides  such  as  Al(OH)3, 
Cr(OH)3,  and  Fe(OH)3.  Also,  purer  precipitates  of  barium  and  other 
insoluble  sulfates  have  been  obtained  by  the  generation  of  sulfate  by 
hydrolysis  of  sulfamic  acid  as  follows: 

HOS02NH2  +  H20  =  NH4+  +  HS04" 

Thioacetamide  precipitates  As(V)  from  acid  solutions  of  the  con- 
centrations used  in  this  procedure  more  rapidly  than  does  hydrogen 
sulfide.  The  rate  of  precipitation  of  As2S5  from  H3As04  solutions  by 
H2S  is  very  slow,  but  the  precipitation  of  As2S3  from  H3As03  solutions 
by  H2S  is  very  rapid.  Thioacetamide  reduces  H3As04  to  H3As03  with 
the  formation  of  sulfur,  and  then  As2S3  is  precipitated.  The  rate  of  the 
reduction  reaction  is  directly  proportional  to  the  hydrogen  ion  con- 
centration; therefore  the  precipitation  is  begun  in  a  solution  initially 
about  0.4  M  in  strong  acid. 

Aluminum,  chromium,  vanadium,  and  zinc  remain  in  the  solution. 
Tripositive  aluminum  and  chromium  are  not  precipitated  as  sulfides 
in  aqueous  solutions.  Aluminum  and  chromium  sulfides  can  be  pre- 
pared in  the  dry  state  but  hydrolyze  in  water  as  follows : 

Al2S3(s)  +  6H20  =  2Al(OH)3(s)  +  3H2S(^) 

Aluminum  hydroxide  is  a  weak  base  and  is  insoluble;  hydrogen  sulfide 
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is  a  weak  acid  and  is  volatile.  As  a  result,  the  hydrolysis  reaction  is 
essentially  complete  from  left  to  right  as  written.  Aluminum  hydroxide 
dissolves  in  acid  solutions.  The  V(V)  present  in  the  fusion  solution  is 
reduced  to  VO++  by  H2S;  ZnS  is  not  precipitated  at  the  acid  concen- 
tration prevailing. 

The  colors  of  the  sulfides  which  are  precipitated  are  as  follows :  CuS, 
black;  PbS,  black  (the  precipitate  may  be  brown  at  first  in  chloride 
solutions  because  of  the  compound  Pb2SCl2);  As2S5  and  As2S3,  yellow; 
SnS2,  brownish-yellow. 


P.  51.     instructions.     Separation  of  the  Sulfide  Group 

from  the  Aluminum-Chromium 
Group 

Pour  the  5  ml  of  the  fusion  solution  labeled  the  Amphoteric 
Element  Group  (P.  3)  into  a  50  ml  flask.  Wash  the  test  tube  with 
1  ml  of  6  F  HC1,  then  slowly  add  this  acid  to  the  flask.  While 
swirling  the  solution,  add  6  F  HN03  dropwise  until  a  pH  of 
between  2  and  4  is  obtained   (Note  1). 

Note 

1.  The  fusion  solution  was  approximately  2.5  F  in  NaOH  and  IF  in 
Na2C03;  therefore,  approximately  2  ml  of  the  6  F  HN03  should  be  required 
(in  addition  to  the  1  ml  of  6  F  HC1  already  added).  The  acid  should  be  added 
slowly,  otherwise  evolution  of  C02  may  cause  loss  of  solution. 

If  the  HN03  is  added  slowly,  and  with  effective  swirling,  a  continuous 
evolution  of  C02  will  not  occur  until  the  original  NaOH  has  been  neutralized 
and  the  C03=  converted  to  HCO-r.  Thereafter  the  HN03  should  be  added 
carefully  until  there  is  no  further  rapid  effervescence  of  C02  with  each  addi- 
tion of  solution.  Only  after  the  HC03~  has  been  converted  to  H2C03  will  the 
pH  of  the  solution  approach  the  2-4  range.  An  accurate  adjustment  of  the  pH 
cannot  be  made  unless  the  solution  is  vigorously  swirled  before  it  is  tested. 

The  1  ml  of  HC1  is  added  to  minimize  co-precipitation  of  zinc  with  Sulfide 
Group  elements,  probably  because  of  the  formation  of  zinc  chloride  complex 
ions,  and  to  prevent  precipitation  of  stannic  oxide. 
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Disregard  any  precipitates  (Note  2). 

Removal  of  Nitrite.  In  case  the  sample  has  been  fused  (Note  3), 
add  0.5  ml  of  3  F  HX03  and  boil  the  solution  for  10-15  seconds, 
then  add  6  F  NaOH  until  a  pH  between  2  and  4  is  obtained. 

Precipitation  of  the  Sulfide  Group.  To  the  solution  (which  should 
have  a  pH  of  2-4)  add  exactly  1.0  ml  of  6  F  HN03  (Note  4),  then 
add  5  ml  of  1  F  CH3CSNH2  (thioacetamide) .  Heat  the  solution 
almost  to  boiling,  loosely  stopper  the  flask,  then  place  it  in  a  beaker 
of  boiling  water  for  3  minutes.  (Yellowish  precipitate,  probable 
presence  of  arsenic  or  tin;  dark  precipitate,  probable  presence  of 
copper  or  of  a  large  quantity  of  lead.) 

Notes 

2.  Silicon  and  certain  of  the  amphoteric  elements  may  partly  precipitate 
when  the  solution  is  neutralized.  These  elements  and  the  characteristics  of 
the  precipitates  are  as  follows:  Silicon,  white  hydrous  oxide.  Lead(II),  white 
mixture  of  oxide  and  carbonate.  Tin(IV),  white  hydrous  oxide.  Aluminum, 
white  hydrous  oxide.  Zinc,  white  mixture  of  oxide  and  carbonate.  Copper (II), 
bluish  mixture  of  carbonate  and  oxide.  Vanadium  (V)  will  be  colorless  in 
the  alkaline  solution  and  a  precipitate  of  brownish  V205  may  form  as  neutrality 
is  approached.  In  case  lead  is  present  with  either  chromium  or  vanadium, 
yellow  precipitates  of  lead  chromate  or  vanadate  may  be  obtained.  Most  of 
these  precipitates  will  dissolve  when  the  excess  of  HNO3  is  added  or  will 
subsequently  be  changed  to  sulfides. 

3.  In  case  the  sample  has  been  fused,  the  solution  is  acidified  and  boiled 
in  order  to  remove  nitrite,  as  follows: 

2N02-  +  2H+  =  2HN02  =  H20  +  NO  +  N02 

As  seen  by  the  above  equation  nitrite  would  make  uncertain  the  subsequent 
adjustment  of  the  hydrogen  ion  concentration.  In  addition,  nitrite  oxidizes 
sulfide  ion  to  sulfur.  Nitrite  also  reduces  Cr(VI)  and  V(V)  in  acid  solutions. 
Therefore  when  chromium  is  present  a  change  from  yellow,  Cr(VI),  to  green, 
Cr(III),  may  be  observed  when  the  solution  is  acidified  and  boiled;  with 
vanadium  a  transient  orange  color  will  appear  and  fade  to  a  blue  or  green. 

4.  A  colloidal  precipitate  of  silicic  acid  may  remain  when  the  solution 
is  acidified  (see  P.  101).  If  small,  such  a  precipitate  can  be  allowed  to  remain 
in  the  solution.  If  of  such  size  as  to  hinder  filtration  and  treatment  of  the 
sulfide  precipitate,  the  mixture  should  be  centrifuged  and  the  precipitate 
discarded  before  the  treatment  with  CH3CSNH2. 
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Add  to  the  solution  2  ml  of  3  F  (NH4)2S04.  Keep  the  flask  in  the 
boiling  water  for  1  minute,  then  cool  the  solution.  (Dark  precipi- 
tate, probable  presence  of  lead.)  (Note  5) 

No  precipitate  indicates  the  absence  of  the  Sulfide  Group.  Treat 
the  solution  by  the  last  paragraph  of  this  procedure. 

A  fine  white  precipitate  indicates  the  absence  of  the  Sulfide  Group 
(Note  6).  In  case  such  a  precipitate  is  obtained,  filter  the  mixture 
through  a  paper  filter;  collect  the  solution  in  a  50  ml  flask,  and 
wash  the  filter  with  2  ml  of  water.  Discard  the  precipitate.  Treat 
the  filtrate  by  the  last  paragraph  of  this  procedure. 

A  dark  or  colored  precipitate  indicates  the  presence  of  the  Sulfide 
Group.  Proceed  as  directed  below. 

Filter  the  mixture  by  decantation  through  an  asbestos  filter 
(see  p.  166);  collect  the  filtrate  in  a  50  ml  flask.  Retain  as  much 
of  the  precipitate  as  possible  in  the  original  flask.  Wash  the  precip- 
itate by  decantation  with  two  1  ml  portions  of  water;  collect  the 
wash  water  with  the  filtrate. 

To  check  for  complete  precipitation  of  the  Sulfide  Group  Ele- 
ments, heat  the  solution  almost  to  boiling  for  1  minute;  do  not  boil 
it.  If  there  is  no  precipitate,  stopper  and  label  the  flask  and  reserve 
the  solution  for  treatment  by  P.  71  (see  Note  1,  P.  71,  p.  320).  If 
there  is  a  colored  precipitate,  keep  the  mixture  warm  for  3-5 
minutes.  Filter  the  solution;  use  the  same  asbestos  filter  used 
previously  in  case  a  Sulfide  Group  precipitate  has  been  filtered; 
otherwise  prepare  a  new  one.  Wash  the  precipitate  as  directed 
above.  Stopper  and  label  the  flask  and  reserve  the  solution  for 
treatment  by  P.  71  (see  Note  1,  P.  71,  p.  320).  Treat  the  precipi- 
tate by  P.  52. 

Notes 

5.  Under  the  conditions  of  this  procedure,  lead  sulfide  is  likely  to  coagulate 
into  such  a  very  compact  form  that  small  quantities  may  be  overlooked  and 
not  detected.  Even  though  apparently  clear,  the  solution  should  be  gently 
swirled  and  the  precipitate  caused  to  collect  on  the  center  of  the  bottom  of 
the  flask.  Small  precipitates  then  become  apparent  if  viewed  against  a  white 
background. 

6.  A  dispersed  white  precipitate  of  sulfur  may  be  observed  in  case 
chromium  or  vanadium  is  present.  Such  a  precipitate  results  from  the  oxida- 
tion of  sulfide  to  sulfur  by  Cr(VI)  and  V(V).  The  resultant  Cr(III)  and  V(IV) 
may  cause  the  solution  to  have  a  perceptible  green  or  blue  color. 
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Tabular  Outline  10 


Analysis  of  the  Sulfide  Group.  Sepa- 
ration of  the  Lead  Group  from  the 
Arsenic  Group 

(See  Tabular  Outline  9,  p.  28-1,  for  the  separation  of  the  Sulfide  Group 
from  the  Aluminum-Chromium  Groups) 


Precipitate:  PbS,  CuS,  As2S3,  SnS2,  S,  (Si02-xH20) 
P.  52.   Treat  with  NaHS  and  NaOH 


Residue:  CuS,  PbS,  (Si02xH20) 

Solution:  AsS.)  ,  SnS3~,  S2= 

The  Lead  Group 

P.  61.  Acidify  with  IICl 

(As2S5,  SnS2,  H2S,  S) 

The  Arsenic  Group 

Analysis  of  the  Sulfide  Group  P.  52 


PROCEDURE    52 

SEPARATION  OF  THE  LEAD  GROUP 
FROM  THE  ARSENIC  GROUP 

Discussion.  In  this  procedure  the  Sulfide  Group  precipitate  is  treated 
with  an  alkaline  sulfide  solution;  the  sulfides  of  copper  and  lead  are 
insoluble  and  constitute  the  Lead  Group  precipitate.  The  sulfides  of 
arsenic  and  tin  dissolve  and  these  elements  constitute  the  Arsenic 
Group. 

This  solubility  difference  results  from  the  tendency  of  the  sulfides 
of  As(V)  and  Sn(IV)  to  form  soluble  complex  sulfides  or  sulfo-anions, 
AsS4s  and  SnS3=,  which  are  analogous  to  the  corresponding  oxygen 
anions,  As04~  and  Sn03=.  (See  Tabular  Outline  10.) 

As  has  been  stated,  from  their  positions  in  the  periodic  table  one 
would  expect  a  similarity  in  the  properties  of  the  corresponding  oxygen 
and  sulfur  compounds  of  an  element  and,  in  general,  this  similarity  is 
found.  Thus  the  oxides  of  As(V)  and  Sn(IV)  are  more  acidic  in  char- 
acter than  are  the  oxides  of  Pb(II)  or  Cu(II) ;  and  the  sulfides  of  As(V) 
and  Sn(IV),  As2S5  and  SnS2,  are  soluble  in  alkaline  sulfide  solutions 
while  CuS  and  PbS  are  relatively  insoluble. 

A  sodium  hydrogen  sulfide,  NaHS,  reagent  is  used  as  the  source  of 
sulfide.  This  reagent  is  made  by  saturating  a  sodium  hydroxide  solu- 
tion with  H2S,  the  reaction  being 

OH-  +  H2S  =  HS-  +  HOH 

In  the  procedure  below,  additional  sodium  hydroxide  is  added  in  order 
to  obtain  a  higher  sulfide  ion  concentration;  the  effect  is  as  follows: 
HS"  +  OH-  =  S=  +  HOH 

By  inspection  of  the  equilibrium  expression  for  the  second  ionization 
constant  for  H2S 

[HS-]  L°  X  1U 
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you  can  see  that  the  ratio  of  [S=]  to  [HS-]  is  controlled  by  the  [H+]. 
AlF  NaHS  solution  is  alkaline  because  of  the  hydrolysis  of  the  HS-: 

HS-  +  HOH  =  H2S  +  OH- 

and  the  [H+]  in  such  a  solution  is  approximately  3  X  10-n.  As  a 
result,  we  find  that 

_m_  _  1.0  x  io-"  _         4 

[HS-]  ~    3  X  lO"11    "  6  X  1U 

and  inalF  NaHS  solution  the  [S=]  would  be  only  3  X  10-4.  If  the 
solution  is  made  1  F  in  excess  NaOH  the  [H+]  becomes  approximately 
10-14,  the  ratio  of  [S=]  to  [HS-]  becomes  1.0,  and  the  [S=]  becomes 
approximately  0.5.  Thus  the  [S=]  has  been  increased  about  1600-fold 
by  the  addition  of  the  excess  NaOH. 

In  a  solution  in  which  the  sulfide  ion  is  approximately  0.1  molar, 
As2S3,  As2S5,  and  SnS2  are  dissolved  as  the  sulfo-anions.  SnS  is  much 
less  soluble  than  SnS2  and  only  small  quantities  would  be  dissolved. 
However,  tin  is  oxidized  to  Sn(IV)  in  the  fusion  procedure  and  is 
always  in  the  quadripositive  state  in  this  procedure.  Arsenic  is  oxidized 
to  As(V)  in  the  fusion  but  is  largely  reduced  to  As  (III)  by  thioaceta- 
mide  in  P.  51,  and  the  precipitate  is  As2S3  and  S.  Sulfur  is  dissolved 
when  treated  with  an  alkaline  sulfide  solution  because  of  the  reaction 

S(s)  +  S=  =  S2= 

The  disulfide  ion,  S2=,  is  analogous  to  the  peroxide  ion,  02=,  and  like 
peroxide  can  act  as  an  oxidizing  agent.  Consequently,  when  As2S3  is 
treated  with  the  alkaline  sulfide  solution,  the  arsenic  is  reoxidized  to 
the  pentapositive  state.  The  reactions  can  be  represented  in  steps  as 

follows : 

As2S3  +  3S=  =  2AsS3s 

AsS3-  -f-  S2=  =  AsS4-  +  S= 

When  an  alkaline  solution  containing  AsS4~  is  acidified,  AS2S5  is 
precipitated. 

P.  52.     instructions.     Separation  of  the  Lead  Group  from 

the  Arsenic  Group 

To  that  portion  of  the  sulfide  precipitate  (from  P.  51)  which 
remains  in  the  flask  add  a  solution  prepared  by  mixing  1  ml  of 
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6  F  NaOH,  1  ml  of  2  F  NaHS,  and  1  ml  of  water.  Warm  the  mix- 
ture, and  break  up  any  clumps  of  precipitate  by  means  of  a 
2  X  150  mm  stirring  rod  having  a  flattened  end. 

Attach  a  15  ml  test  tube  to  the  asbestos  filter  containing  the 
remainder  of  the  sulfide  precipitate;  do  not  apply  suction.  Decant 
the  sulfide  solution  onto  the  filter  and  again  break  up  any  particles 
of  precipitate  with  the  stirring  rod.  Apply  gentle  suction  until  the 
solution  is  drawn  into  the  test  tube.  Transfer  the  solution  back  to 
the  flask  and  again  attach  the  test  tube. 

Repeat  the  treatment  of  the  precipitate  with  the  warm  sulfide 
solution  by  this  sequence  of  operations  for  as  long  as  the  precipi- 
tate appears  to  be  dissolving.  Retain  the  sulfide  solution  in  the 
test  tube  after  the  last  treatment.  Rinse  the  flask  and  then  the 
filter  with  1  ml  of  water  containing  2  drops  of  6  F  NaOH  and  2 
drops  of  2  F  NaHS.  Collect  this  solution  with  that  in  the  test  tube. 

Treat  any  dark  residue  by  P.  53.  Treat  the  solution  by  P.  61 
(stopper  the  tube  while  it  is  standing). 
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Tabular  Outline  11 


Analysis  of  the  Lead  Group 


(See  Tabular  Outline  10,  p.  294,  for  the  Separation  of  the  Lead  Group) 


Lead  Group  Precipitate:  PbS,  CuS  (SiOyxH20) 
P.  53.  Treat  with  HN03 


Residue:  (S,  Si02-xH20) 


Solution:  Cu++,  Pb++,  H+,  N03" 


P.  54.  Add  (NH^SOi 

Precipitate:  PbS04 

Solution:  Cu++,  HSOr,  SOr 

P.  55.  Add  CH3COONHi 

P.  56.  Add  CH3COONHi  and  K^e{CN)6 

(CH3COOPb+) 

Brown  precipitate:  K2CuFe(CN)« 

Add  KtCrOi 

Yellow  precipitate1 

PbCr04 

Analysis  of  the  Lead  Group  (Pb,  Cu)  P.  53-56 


PROCEDURE    53 

SOLUTION  OF  THE  LEAD  GROUP  SULFIDES 

Discussion.  The  sulfides  of  lead  and  copper  have  to  be  dissolved  in 
order  to  carry  out  the  precipitation  of  lead  as  sulfate.  In  this  procedure, 
HN03  is  used  for  this  purpose.  Two  types  of  solvent  action  are  in- 
volved. The  first  is  the  hydrogen  ion  effect  which  can  be  represented  by 
the  type  reaction 

MSO)  +  2H+  =  M++  +  H2S(^) 

This  equation  shows  that  in  a  solution  saturated  with  the  solid  sul- 
fide and  with  H2S  gas  the  equilibrium  concentration  of  the  metal  ion 
will  be  dependent  upon  the  square  of  the  hydrogen  ion  concentration. 
Also,  if  the  H2S  concentration  is  decreased,  as  is  done  below,  by  boiling 
the  solution,  the  above  reaction  is  caused  to  proceed  towards  the  right. 

In  addition  to  the  above  effect,  the  second  solvent  action  results 
from  the  oxidation  of  H2S  by  nitrate  ion.  In  dilute  HN03  solutions  the 
reaction  can  be  represented  as: 

3H2S  +  2N03-  +  2H+  =  SS(s)  +  2NO  +  4H20 
and  in  concentrated  HN03  as: 

H2S  +  2N03-  +  2H+  =  S(«)  +  2N02  +  2H20 
The  first  of  these  oxidation  reactions  does  not  proceed  at  a  significant 
rate  unless  the  HN03  is  more  concentrated  than  2-3  F  and  the  solution 
is  hot.  The  second  does  not  become  predominant  until  the  acid  concen- 
tration is  greater  than  approximately  6-9  F. 

In  this  procedure  below,  the  sulfides  are  treated  first  with  cold  dilute 
acid  in  order  to  expel  as  much  of  the  H2S  as  possible  without  oxidation, 
since  the  sulfur  thus  formed  tends  to  enclose  sulfide  particles  and  to 
prevent  further  action  of  the  acid.  In  addition,  sulfur  can  be  oxidized 
to  sulfate  by  hot  concentrated  HN03  and  it  is  desirable  that  this  action 
be  minimized  in  order  to  prevent  possible  precipitation  of  lead  sulfate. 
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FLOW  SHEET  8 


Procedure  Sequence  for  the  Analysis 
of  the  Lead  Group 


P.  53.  Solution  of  the  Lead 
Group  Sulfides.  Treat  sulfide 
group  residue  from  P.  52  with 
HN03 


(Residue) 


I. 

(Solution) 

I 


P.  54.  Precipitation  of  Lead, 

Add  (NHthSOi 


I 

(Solution) 

I 


P.  56.  Precipitation  of  Copper. 
Add  CHiCOONHi  and 

K4Fe(CN)t 


(Precipitate) 


Discard 


P.  55.  Estimation    of    Lead. 
Treat  with  CH3C00NHi 
Add  KiCrOt 
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Hot  wash  water  is  used  to  aid  in  dissolving  any  PbS04  which  may 
be  precipitated. 


P.  53.     instructions.     Solution  of  the  Lead  Group  Sulfides 

To  that  portion  of  the  sulfide  residue  (from  P.  52)  which  re- 
mains in  the  flask  add  2  ml  of  3  F  HN03.  Disintegrate  any  residue 
by  rubbing  it  with  the  flattened  end  of  a  2  X  150  mm  stirring 
rod;  continue  the  treatment  as  long  as  any  dark  particles  appear 
to  be  dissolving.  Finally,  heat  the  solution  almost  to  boiling  and 
continue  this  treatment  as  long  as  the  precipitate  appears  to 
be  dissolving. 

Attach  a  15  ml  test  tube  to  the  funnel  holding  the  asbestos 
filter  and  the  remainder  of  the  sulfide  residue.  Again  heat  the 
nitric  acid  solution  and  decant  it  onto  the  filter;  disintegrate  any 
particles  of  precipitate  with  the  stirring  rod  as  directed  above. 
Finally,  apply  gentle  suction  until  the  solution  is  drawn  into  the 
test  tube. 

If  a  significant  part  of  the  original  residue  remains  undissolved 
(a  dark-greyish  residue  of  sulfur  or  silica  can  be  neglected),  add 
0.5  ml  of  16  F  HN03  to  the  flask  and  repeat  the  above  treatment 
of  the  residue  with  this  acid.  In  case  the  filtrate  is  not  perfectly 
clear,  heat  the  mixture  almost  to  boiling  and  refilter  it. 

Finally  wash  the  flask  and  filter  with  0.5  ml  of  hot  water;  collect 
this  wash  water  with  the  acid.  Treat  the  solution  by  P.  54.  Discard 
any  residue. 


PROCEDURE   54 

PRECIPITATION  OF  LEAD  AS  SULFATE 

Discussion.  In  the  procedure  below,  lead  sulfate,  which  is  moderately 
soluble  (KSp  =  2  X  10-8),  is  precipitated  by  addition  of  an  excess  of 
a  soluble  sulfate  to  a  slightly  acid  solution.  Sulfuric  acid  is  frequently 
used  for  this  purpose  but  does  not  provide  as  high  a  sulfate  ion  concen- 
tration since  the  predominant  species  in  sulfuric  acid  solutions  are 
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H+  and  HS04~.  When  precipitated  from  sulfuric  acid  solutions  alcohol 
is  frequently  added  to  decrease  the  solubility  loss. 

The  solubility  of  lead  sulfate  increases  rapidly  with  temperature  and 
for  this  reason  the  solution  is  kept  cold.  Because  of  the  large  atomic 
weight  of  lead  and  the  compact  nature  of  lead  sulfate,  a  small  quantity 
of  lead  may  escape  detection  unless  the  pH  is  properly  adjusted,  the 
solution  is  cold,  and  the  directions  below  are  closely  followed. 

P.  54.     instructions.     Precipitation  of  Lead  Sulfate 

Cool  the  nitric  acid  solution  from  P.  53  and  add  6  F  NaOH  until 
a  pH  of  3-6  is  obtained,  then  add  3  drops  of  6  F  HN03  (Note  1). 
If  there  is  a  precipitate,  heat  the  mixture  and  add  6  F  HN03 
dropwise  until  it  is  dissolved.  (Do  not  add  more  than  6  drops. 
Filter  if  the  solution  is  not  clear.  Repeat  the  neutralization  to  a 
pU  of  3-6,  then  again  add  3  drops  of  6  F  HN03.) 

Add  1  ml  of  3  F  (NH4)2S04,  cool  the  solution,  immerse  it  in  a 
flask  of  cold  or  ice  water,  and  let  it  stand  at  least  5  minutes. 
Shake  it  vigorously  every  minute.  (White  crystalline  precipitate, 
presence  of  lead.) 

Filter  the  mixture  by  decantation.  Wash  the  precipitate  with 
1  ml  of  cold  water  to  which  has  been  added  1  drop  of  3  F  (NH4)2S04; 
collect  the  wash  solution  with  the  filtrate.  Treat  the  precipitate 
by  P.  55.  Treat  the  solution  by  P.  56. 

Note 

1.  The  volume  of  NaOH  required  to  neutralize  the  solution  can  be  calcu- 
lated from  the  quantity  of  HN03  used  in  P.  53.  Also,  the  NaOH  can  be  added 
dropwise  until  precipitate  formation  is  noticed.  Care  is  required  when  using 
this  method  with  small  quantities  of  lead  since  the  hydroxide  is  readily  dis- 
solved by  excess  NaOH. 
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PROCEDURE    55 

CONFIRMATORY  TEST  FOR  AND 
ESTIMATION  OF  LEAD 

Discussion.  In  order  to  confirm  the  presence  of  lead,  the  sulfate 
precipitate  is  dissolved  in  an  acetate  solution  and  the  lead  is  repre- 
cipitated  as  yellow  lead  chromate. 

Lead  sulfate  can  be  precipitated  from  moderately  acid  solutions 
because  even  the  second  proton  of  sulfuric  acid  is  appreciably  ionized 
(KAz  =  1.2  X  10-'2);  however,  lead  sulfate  dissolves  in  acetate  solu- 
tions because  of  the  stability  of  the  complex  ion  CH3COOPb+. 

Lead  chromate  can  be  precipitated  from  acetate  solutions  because  it 
is  much  less  soluble  than  lead  sulfate;  however,  lead  chromate  dissolves 
in  solutions  of  strong  acids  because  chromic  acid  is  a  relatively  weak 
acid  (Ka,  =  3  X  10-7).  In  addition,  in  acid  solutions,  establishment  of 
the  dichromate  equilibrium  (discussed  on  pp.  238-240) 

2Cr04=  +  2H+  =  2HCr04-  =  Cr207=  +  H20 

causes  a  further  decrease  in  the  chromate  ion  concentration.  Lead 
dichromate  is  more  soluble  than  the  chromate  and  will  not  be  pre- 
cipitated under  the  conditions  of  this  procedure. 

P.  55.     instructions.     Confirmatory  Test  for  and 

Estimation  of  Lead 

Confirmatory  Test.  Add  to  the  PbS04  precipitate  remaining  in 
the  test  tube  1  ml  of  3  F  CH3COONH4,  1  ml  of  water,  and  3 
drops  of  6  F  CH3COOH.  (If  there  is  a  residue,  warm  the  mixture, 
then  decant  the  solution  through  the  filter  and  into  a  15  ml  test 
tube.  Wash  the  flask  and  filter  with  two  0.5  ml  portions  of  water. 
Discard  the  filter.) 

Cool  the  solution  and  add  one  drop  of  0.5  F  K2Cr04.  (Dilute 
1  ml  of  1.5FK2Cr04  with  2  ml  of  water.)  (Yellow  precipitate, 
presence  of  lead.) 

Estimation.  Shake  the  mixture  vigorously  for  10-15  seconds, 
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then  briefly  centrifuge  it  or  let  it  stand  for  5  minutes  or  longer. 

In  case  there  is  a  small  precipitate  (less  than  3  mg  lead)  and 
the  solution  has  a  yellow  color,  take,  in  a  15  ml  test  tube,  0.1  ml 
of  the  lead  known  solution  (10  mg  Pb(II)  per  ml).  Add  to  this 
tube  1  ml  of  3  F  CH3COONH4,  3  drops  of  6  F  CH3COOH,  and 
2  ml  of  water;  then  add  1  drop  of  0.5  F  K2Cr04.  Centrifuge  both 
solutions  and  from  the  relative  volumes  of  the  precipitates  make 
an  estimate  of  the  quantity  of  lead  present  in  the  sample  or 
solution  being  analyzed. 

In  case  the  solution  being  analyzed  is  not  yellow  and  the  size 
of  the  precipitate  indicates  that  more  than  3  mg  of  lead  are  pres- 
ent, heat  the  mixture  to  40-50°  C.  Do  not  heat  the  solution  above 
50°  (the  solubility  of  lead  chromate  becomes  significant  at  higher 
temperatures).  Shake  it  vigorously  for  10-15  seconds  and  allow 
the  precipitate  to  partly  settle,  or  centrifuge  it  briefly.  Incline  the 
tube,  and  add  another  drop  of  the  0.5  F  K2Cr04  to  the  surface  of 
the  solution.  Note  if  additional  precipitation  takes  place  or  whe- 
ther the  solution  becomes  orange-yellow.  If  additional  precipita- 
tion occurs,  continue  this  dropwise  addition  of  the  chromate  until 
no  more  precipitation  is  observed.  (Not  more  than  7  drops  of 
0.5  F  K2Cr04  should  be  required  for  the  precipitation  of  the  maxi- 
mum quantity  of  lead.)  Record  the  number  of  drops  of  K2Cr04 
you  have  added. 

From  the  number  of  drops  of  the  0.5  F  K2Cr04  added,  calculate 
the  approximate  number  of  milligrams  of  lead  present  in  the 
solution  or  sample  being  analyzed. 


PROCEDURE    56 

DETECTION  OF  COPPER 


Discussion.  Copper  is  such  a  predominantly  basic  element  that  only 
a  few  milligrams  should  be  found  in  the  fusion  solution.  This  quantity 
is  detected  below  by  precipitation  of  the  cupric  ferrocyanide  (see  P.  35 
in  regard  to  the  nature  of  the  precipitate).  The  fourth  proton  of 
H4Fe(CN)6  is  not  completely  ionized,  KA  =  7  X  10~5;  therefore  the 
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metal  ferrocyanides  become  more  soluble  as  the  hydrogen  ion  concen- 
tration is  increased.  For  this  reason  the  nitric  acid  solution  from  P.  54 
is  buffered  to  a  pH  of  approximately  5  by  the  addition  of  an  excess  of 
ammonium  acetate  over  the  quantity  of  acid  present. 

P.  56.     instructions.     Detection  of  Copper 

To  the  sulfate  solution  (from  P.  54)  add  1  ml  of  3  F  CH3COONH4, 
then  add  1-5  drops  of  0.25  F  K4Fe(CN)6.  Add  the  K4Fe(CN)6 
only  for  as  long  as  additional  precipitation  is  observed.  {Brown 
or  reddish  "precipitate,  presence  of  copper.)  Consult  your  instructor 
as  to  whether  an  estimate  of  the  quantity  of  copper  detected 
should  be  made  by  comparing  the  above  precipitate  with  one 
produced  by  a  known  quantity  of  copper  precipitated  under  sim- 
ilar conditions. 
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Tabular  Outline  12 


Analysis  of  the  Arsenic  Group 


(See  Tabular  Outline  10,  p.  294,  for  the  Separation  of  the  Arsenic  Group) 


The  Solution  of  the  Arsenic  Group  (from  P.  52) :  AsS4~,  SnS3~,  S2~,  S~ 
P.  61.  Acidify  with  HCl 

Precipitate:  As2Ss,  SnS2,  S     Gas:  H2S 
P.  62.  Make  solution  6  F  in  HCl.  Heat.  (H2S) 


OH- 


Residue:  As2S5,  S 

P.  63.  Treat  with  NaOH  and  H202.  Heat. 

(AsOr,  sor) 

Neutralize  with  HN03 

Add  NHfiH,  NHiN03,  and  Mg(N03)2 

Precipitate:  MgNH4As04 •  6H20 

Treat  with  AgN03  and  CH3C00H 
Red  precipitate:  Ag3As04 


Solution:  SnCl6=,  CI",  H+ 

P.  64.  Neutralize  with  NH4OH;  heat 
Precipitate:  SnOyxH20 

P.  65.  Dissolve  in  HCl.     (SnCl6=) 

Add  Pb  metal;  heat.     (SnCl4=  PbCl3-) 
Confirmation:  Add  HgCl* 

Precipitate :  Hg2Cl2,  Hg.   (SnCl6=,  PbCl3-) 
Or  Estimation :  Titrate  with  FeCh 
(SnCl6=,  Fe++,  PbClr) 


Analysis  of  the  Arsenic  Group  {As,  Sn)  P.  61-65 

PROCEDURE   61 

PRECIPITATION  OF  THE  ARSENIC  GROUP 

Discussion.  In  P.  52  arsenic  and  tin  were  separated  from  copper  and 
lead  with  an  alkaline  sulfide  solution  which  dissolved  the  arsenic  and 
tin  as  the  sulfo-anions.  Here  these  elements  are  reprecipitated  by 
acidifying  the  solution  and  thus  decreasing  the  sulfide  ion  concentra- 
tion. The  following  is  typical  of  the  reactions  involved 

SnS3=  +  2H+  =  SnS2(s)  +  H2S(^) 

A  large  excess  of  the  hydrochloric  acid  should  be  avoided,  because 
the  solubility  of  SnS2  increases  rapidly  as  the  hydrochloric  acid  con- 
centration is  increased: 

SnS2(s)  +  4H+  +  6C1-  =  SnCl6=  +  2H2S 

P.  61.     instructions.     Precipitation  of  the  Arsenic  Group 

Place  the  sulfide  solution  from  P.  52  (contained  in  a  15  ml  test 
tube)  under  a  hood,  then  add  12  F  HC1,  slowly  (Note  1),  until  a 
pH  of  2-4  is  obtained,  then  add  an  excess  of  0.5  ml  of  the  acid. 

Fine  white  precipitate,  absence  of  the  Arsenic  Group — (Note  2) 

Notes 

1.  Effervescence  of  H2S  may  cause  loss  of  solution  if  the  acid  is  added 
rapidly.  The  acid  can  be  added  2-3  drops  at  a  time  as  long  as  any  local 
precipitate  redissolves  when  the  solution  is  mixed,  and  until  there  is  a  rapid 
evolution  of  H2S;  the  latter  will  not  occur  until  the  1  ml  of  6  F  NaOH  added 
in  P.  52  has  been  neutralized. 

2.  Because  of  the  oxidation  of  sulfide  to  sulfur  by  the  oxygen  of  the  air, 
alkaline  sulfide  solutions  usually  contain  sulfur  dissolved  as  S2=.  When  acidi- 
fied, the  S2=  is  converted  to  the  weak  acid  H2S2,  which  rapidly  decomposes 
to  sulfur  and  H2S.  The  characteristic  fine  white  precipitate  of  sulfur  is  readily 
distinguished  from  the  colored  metal  sulfides.  If  in  doubt  as  to  the  presence 
of  sulfides,  warm  the  solution  to  60-80°,  then  shake  it  vigorously.  Such  treat- 
ment usually  causes  coagulation  of  the  precipitate  and  makes  more  apparent 
the  presence  of  a  colored  sulfide. 
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FLOW  SHEET  9 


Procedure  Sequence  for  the  Analysis 
of  the  Arsenic  Group 


P.  61.  Precipitation  of  Arsenic 
Group.  Add  HCl  to  solution 
from  P.  52 


1 

(Precipitate) 

I 


P.  62.  Separation  of  Arsenic 
from  Tin.  Treat  with  HCl 


I 

(Solution) 

I 


P.  64.  Precipitation  of  Tin. 
Neutralize  with  NHiOH 


I. 

(Solution) 

! 


(Solution) 


(Residue) 


(Precipitate) 


Discard 


P.  63.  Confirmation     of    Ar- 
senic. Add  NaOH  and  HiOi 
Neutralize  with  HN03 
Add   NH^OH,   NHtN03,    and 
Mg(N03)2.  Add  AgNOz 


P.  65.  Confirmation    of    Tin. 
Dissolve  in  HCl 
Add    lead    metal.    Heat.    Add 
HgCh 


Discard 
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Discard  the  mixture. 

Yellow  or  brown  precipitate,  presence  of  the  Arsenic  Group — 
(Note  3)  Treat  the  mixture  at  once  by  P.  62. 

Note 

3.  Frequently  a  small  grey  or  brownish  precipitate  will  be  obtained  when 
neither  arsenic  nor  tin  is  present  in  significant  quantity.  Such  a  precipitate 
is  caused  by  traces  of  lead  or  copper  sulfide  which  (in  P.  52)  have  colloidally 
passed  into  the  sulfide  solution. 

In  order  to  avoid  having  to  carry  out  Procedures  62-65  in  such  cases, 
proceed  as  follows: 

In  each  of  two  15  ml  test  tubes,  take  1  ml  of  6  F  NaOH  and  2  ml  of  2  F  NaHS 
and  2  ml  of  water.  Add  to  one  tube  0.05  ml  (1  drop  from  a  20  drop/ml  dropper) 
of  Sn(IV)  known  solution  (10  mg/ml),  and  to  the  other  tube  add  0.05  ml  of 
the  As(V)  known  solution. 

Treat  each  of  these  tubes  by  P.  61  above. 

Compare  the  sizes  of  the  colored  precipitates  obtained  with  that  in  the 
solution  being  analyzed.  Vigorous  shaking  will  tend  to  coagulate  the  precipi- 
tates and  facilitate  this  comparison. 

If,  as  the  result  of  this  comparison,  the  solution  being  analyzed  appears  to 
contain  less  than  0.5  mg  of  arsenic  or  tin,  the  analysis  for  these  elements  can 
be  discontinued.  (Your  instructor  will  advise  you  in  case  the  detection  of  these 
elements  in  smaller  quantities  is  of  interest.) 


PROCEDURE    62 

SEPARATION  OF  ARSENIC  FROM  TIN 

Discussion.  The  arsenic  sulfides,  AS2S3  and  AS2S5,  are  the  least 
soluble  of  the  common  metal  sulfides  in  hydrochloric  acid  solutions. 
In  the  procedure  below,  the  tin  is  dissolved  and  separated  from  arsenic 
by  treating  the  sulfides  (from  P.  61)  with  6  F  HC1.  This  separation 
illustrates  the  critical  effect  which  the  formal  concentration  of  hydro- 
chloric acid  can  have  upon  the  solubility  of  a  metal  sulfide  when  the 
metal  forms  chloride  complex  ions.  The  solubility  of  tin  sulfide  in  this 
acid  is  highly  dependent  upon  both  the  chloride  and  the  hydrogen  ion 
concentrations.  The  effect  of  the  chloride  is  due  to  the  formation  of 
the  very  stable  hexachlorostannate  ion.  The  importance  of  these  effects 
is  evident  from  the  following  equation: 

SnS2(s)  +  4H+  +  6C1-  =  SnCl6=  +  2H2S(^) 
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This  equation  shows  that  the  solubility  of  SnS2  at  a  given  pressure 
of  H2S  will  be  dependent  upon  the  fourth  power  of  the  [H+]  and  the 
sixth  power  of  the  [Cl~],  or  upon  the  tenth  power  of  the  formal  con- 
centration of  the  hydrochloric  acid.  Thus,  doubling  the  formal  hydro- 
chloric acid  concentration  should  cause  over  a  thousandfold  increase 
in  the  solubility  of  SnS2.  One  should  note  also  that  a  given  change  in 
the  [CI-]  will  cause  a  greater  change  in  the  solubility  of  SnS2  than  will 
the  same  change  in  the  [H+]. 

A  large  proportion  of  the  elements  shown  in  Table  9  as  forming 
sulfides  insoluble  in  approximately  0.3  F  solutions  of  strong  acids  also 
forms  stable  complex  ions  with  chloride  and  other  halide  ions.  For  this 
reason,  in  sulfide  separations  involving  these  elements  you  must  be 
exceedingly  careful  to  control  not  only  the  hydrogen  ion  concentration, 
but  also  the  halide  ion  concentration  within  the  limits  prescribed  for 
the  particular  separation  being  made. 

P.  62.     instructions.     Separation  of  Arsenic  from  Tin 

Add  12  F  HC1  to  a  15  ml  test  tube  until  the  volume  taken  just 
matches  the  volume  of  the  sulfide  mixture  resulting  from  P.  61 
above.  Add  this  HC1  to  the  sulfide  mixture.  Stir  the  mixture  by 
means  of  a  paddle-shaped  2  X  150  mm  stirring  rod  until  it  is 
completely  disintegrated  and  suspended,  warm  it  to  60-80°  C,  then 
place  the  tube  in  a  bath  of  boiling  water  for  1  minute.  (Neglect  a 
white  crystalline  precipitate  of  NaCl.)  Stir  the  solution  every  15 
seconds.  (Yellow  residue,  presence  of  arsenic.  Small  dark  residue 
see  Note  1.) 

Filter  the  mixture  through  a  paper  filter;  collect  the  solution 
in  a  50  ml  flask.  Wash  the  precipitate  with  1  ml  of  hot  3  F  HO; 
collect  this  solution  with  the  filtrate.  Suck  the  filter  and  funnel 
free  of  acid.  Treat  any  yellow  residue  by  P.  63;  discard  a  white 
residue. 

Treat  the  solution  by  P.  64. 

Note 

1.  In  case  there  is  a  small  dark  residue  (probably  sulfur  enclosing  a  trace 
of  some  dark  sulfide)  refer  to  Note  3,  P.  61  for  suggestions  as  to  the  procedure 
to  use  in  order  to  decide  if  a  significant  quantity  of  arsenic  is  present. 
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PROCEDURE    63 

CONFIRMATORY  TEST  FOR  AND 
ESTIMATION  OF  ARSENIC 

Discussion.  In  this  procedure  the  sulfide  precipitate  (from  P.  62)  is 
dissolved  and  the  arsenic  reprecipitated  as  MgNH4As04  •  6H20.  As  a 
further  confirmation  this  colorless  precipitate  can  be  metathesized  to 
red  Ag3As04. 

The  arsenic  sulfide  precipitate  (from  P.  62)  is  dissolved  by  means  of 
sodium  hydroxide.  Not  only  does  arsenic  form  both  oxide  and  sulfide 
anions  but  it  is  capable  of  forming  a  series  of  anions  containing  varying 
ratios  of  sulfide  and  oxide,  for  example  As03S~,  As02S2~,  etc.  The 
exact  anions  formed  in  this  procedure  are  uncertain  but  the  type  of 
reaction  involved  can  be  represented  as  follows: 

As2S5(s)  +  60H-  =  AsS30=  +  AsS202=  +  3H20 

In  order  to  convert  these  sulfo-anions  into  the  oxygen  anion  As04~, 
the  sulfide  sulfur  is  oxidized  to  sulfate  by  means  of  peroxide: 

S-  +  4H02-  =  S04=  +  40H- 

The  peroxide  also  oxidizes  sulfur  to  sulfate;  this  aids  in  dissolving 
the  precipitate.  If  not  all  the  sulfide  is  oxidized,  arsenic  sulfide  or 
sulfur  will  precipitate  when  the  solution  is  acidified.  The  excess  per- 
oxide is  decomposed  by  heating  the  alkaline  solution,  thus 

2H02-  =  02  +  20H- 

The  sodium  hydroxide  is  neutralized,  and  the  solution  adjusted  to  a 
pK  of  approximately  9  by  means  of  ammonium  ion  and  ammonium  hy- 
droxide. At  this  pH  value,  magnesium  ion  can  be  added  without  danger 
of  precipitation  of  Mg(OH)2,  and  a  precipitate  of  MgNH4As04  •  6H20 
shows  the  presence  of  arsenic. 

Because  of  the  possibility  that  a  small  precipitate  has  been  caused 
by  Al(OH)3  or  Si02-xH20  (from  glass  containers  or  contaminated  re- 
agents), the  precipitate  is  treated  with  AgN03  whereby  the  colorless 
MgNH4As04  •  6H20  is  metathesized  to  the  less  soluble  red -brown 
Ag3As04. 
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P.  63.     instructions.     Confirmatory  Test  for  and 

Estimation  of  Arsenic 

Oxidation  of  Sulfide.  Dissolve  the  yellow  precipitate  (from  P.  62) 
by  pouring,  dropwise  and  repeatedly  if  necessary,  2  ml  of  warm 
3  F  NaOH  through  the  filter.  Collect  the  solution  in  a  15  ml  test 
tube.  Discard  any  dark  residue  (sulfur  discolored  by  traces  of  lead 
or  copper  sulfide)  (Note  1). 

Cool  the  solution  and  add  10  F  (30%)  H202  dropwise  until  small 
bubbles  continue  to  form  after  the  solution  has  been  vigorously 
shaken  (do  not  add  more  than  15  drops).  Heat  the  solution  almost 
to  boiling  and  allow  it  to  stand  for  2-3  minutes. 

Confirmatory  Test  for  Arsenic.  Cool  the  solution  and  then  add 
6.FHNO3  until  a  pH  of  less  than  5  is  obtained  (Note  2).  Add 
6  F  NH4OH  until  a  pH  of  8-10  is  obtained,  then  add  ^  ml  in 
excess.  Weigh  out  0.5  g  (±  0.05  g)  of  NH4NO3  and  dissolve  it  in 
the  solution  (Note  3).  Finally  add  2  ml  of  0.5  F  Mg(N03)2.  Shake 
the  solution  vigorously  and  let  it  stand  5  minutes.  (White  crystal- 
line precipitate,  presence  of  arsenic.)  (Note  4) 

Notes 

1.  Precipitates  which  have  remained  on  the  filter  tend  to  become  resistant 
and  may  not  dissolve.  In  such  cases  add  2-3  drops  of  10  F  H202  to  the  NaOH 
solution  and  repeat  the  treatment  of  the  precipitate. 

2.  Remember  that  2  ml  of  3  F  NaOH  have  been  added  to  this  solution. 

A  yellow  or  white  precipitate  which  forms  on  acidification  of  this  solution 
indicates  incomplete  oxidation  of  the  sulfide  by  the  peroxide.  In  this  case, 
make  the  mixture  alkaline  with  NaOH,  add  5  drops  of  10  F  H202  and  again 
heat  the  mixture  for  2-3  minutes. 

3.  Any  tin  sulfide  not  dissolved  by  the  HC1  in  P.  62  will  be  present  as  white 
hydrous  tin  oxide.  Any  precipitate  should  be  filtered  from  the  solution  before 
adding  the  Mg(N03)2;  otherwise  a  small  precipitate  of  MgNH4As04 •  6H20 
may  be  obscured. 

4.  The  MgNH)As04 •  6H20  precipitate  is  crystalline  and  tends  to  separate 
on  the  walls  of  the  container.  A  flocculent  white  precipitate  can  be  Mg(OH)2, 
caused  by  an  excessive  quantity  of  NHjOII.  In  case  such  a  precipitate  forms, 
bring  the  solution  to  a  pH  of  2-5,  then  add  \  ml  of  6  F  NH4OH. 
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If  only  a  small  precipitate  is  obtained  (indicating  less  than 
1-2  mg  of  arsenic),  filter  the  mixture  through  a  small  paper  filter, 
and  wash  the  filter  with  10-20  drops  of  water.  Mix  1  drop  of 
6  F  CH3COOH  and  5  drops  of  1  F  AgN03  and  add  this  dropwise 
to  the  filter.  (Brown  to  red  residue,  presence  of  arsenic.) 

Estimation  of  Arsenic.  If  more  than  1-2  mg  of  arsenic  are 
thought  to  be  present,  make  an  approximate  estimate  of  the 
quantity.  Take  that  volume  of  As(V)  known  solution  which  con- 
tains this  quantity  in  a  15  ml  test  tube.  Add  3  ml  of  water,  §  ml 
of  6  F  NH4OH,  0.5  g  of  NH4N03,  2  ml  of  0.5  F  Mg(N03)2,  and 
let  the  mixture  stand  for  5  minutes.  From  the  relative  sizes  of 
the  precipitates,  estimate  the  milligrams  of  arsenic  in  the  sample 
being  analyzed. 


PROCEDURE    64 

PRECIPITATION  OF  TIN  AS  HYDROUS 
STANNIC  OXIDE 

Discussion.  The  solution  from  the  HC1  treatment  of  the  sulfides  of 
arsenic  and  tin  (P.  62)  is  boiled  to  expel  H2S.  Chlorate  is  then  added 
in  order  to  oxidize  any  suspended  sulfur;  the  excess  chlorate  is  reduced 
to  Cl2  by  the  chloride.  The  reactions  taking  place  can  be  represented 
as  follows: 


S(s)  +  C103-  +  H20  =  HSOr  +  CI-  +  H+ 
and 

5C1-  +  CIO3-  +  6H+  =  3C12  +  3H20 


The  solution  is  then  neutralized  with  ammonium  hydroxide.  This 
lowering  of  the  hydrogen  ion  concentration  allows  the  hydrolysis  of 
the  chlorostannate  ion  to  proceed  to  precipitation  of  hydrous  oxide 
as  follows: 

SnClr  +  4HOH  =  Sn(OH)4(s)  +  6C1-  +  4H+ 
and 

H+  +  NH4OH  =  NH4+  +  H20 


314  AMPHOTERIC    ELEMENT    GROUP 

This  hydrolysis  and  precipitation  will  proceed  quantitatively  at  a  much 
lower  pH  than  is  provided  in  this  procedure. 

The  formula  of  the  precipitate  can  be  written  as  Sn(OH)4  (as  was 
done  above),  Sn02-:rH20,  H2Sn(OH)6,  or  as  H2Sn03.  Actually,  there  is 
probably  polymerization  of  the  partially  hydrolyzed  tin  in  the  solution, 
and  once  precipitated  the  water  content  of  the  precipitate  is  very  un- 
certain. There  is  doubt  that  the  various  precipitates  which  have  been 
described  actually  represent  different  compounds  of  specific  composi- 
tion. 

P.  64.     instructions.     Precipitation  of  Tin  as  Hydrous 

Stannic  Oxide 

Removal  of  H2S  and  S.  The  HC1  solution  from  P.  62  should  be 
in  a  50  ml  conical  flask.  Boil  the  solution  under  a  hood  until  the 
odor  of  H2S  can  no  longer  be  detected  in  the  vapors,  and  until 
the  volume  has  been  reduced  to  approximately  3  ml.  If  the  solu- 
tion is  not  perfectly  clear,  add  10-20  mg  of  NaC103  and  boil  until 
any  yellowish  gas  is  expelled  from  the  flask.  Cool  the  solution.  If 
the  solution  is  not  clear  (a  crystalline  precipitate  of  NaCl  or  a 
coagulated  white  or  grey  precipitate  of  sulfur  may  have  formed), 
filter  the  solution.  Discard  the  precipitate. 

Precipitation  of  the  Hydrous  Oxide.  Heat  the  clear  solution  al- 
most to  boiling  and  add  15  F  NH4OH  until  the  odor  of  NH3  is 
just  perceptible  after  the  solution  has  been  heated  (the  pH  should 
be  6-8).  (White  precipitate,  probable  presence  of  tin.) 

If  there  is  a  precipitate,  treat  the  mixture  immediately  by  P.  65. 


PROCEDURE    65 

CONFIRMATORY  TEST  FOR  AND 
ESTIMATION  OF  TIN 

Discussion.     The  formation  of  a  flocculent  white  precipitate  in  P.  64 
is  not  proof  of  the  presence  of  tin.  Traces  of  aluminum  or  silicon  aris- 
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ing  from  impurities  in  the  reagents  used  would  cause  similar  precipi- 
tates, as  would  any  lead  which  passed  as  colloidal  lead  sulfide  into  the 
sodium  sulfide  solution  used  in  P.  52.  Therefore,  alternative  procedures 
are  provided  below  (1)  for  confirming  the  presence  of  tin  in  a  small 
precipitate,  or  (2)  for  estimating  the  quantity,  if  more  than  2-3  mg 
are  thought  to  be  present,  judging  by  the  size  of  the  precipitate. 

In  either  case  the  hydrous  stannic  oxide  precipitate  is  again  dissolved 
by  addition  of  hydrochloric  acid.  (The  precipitate  should  not  be  al- 
lowed to  stand  or  it  becomes  very  difficult  to  dissolve.)  The  Sn(IV) 
is  then  reduced  to  Sn(II)  by  means  of  metallic  lead,  the  reaction  being 
as  follows: 

SnClr  +  Pb(s)  +  2C1-  =  SnCLr  +  PbCl4= 

As  is  indicated  in  this  equation,  tin  and  lead  both  form  chloride  com- 
plex ions;  if  solutions  containing  these  chloro  complexes  are  neutralized, 
hydrolysis  and  precipitation  of  the  corresponding  hydrous  oxides  take 
place.  Lead  chloride  is  not  precipitated  because  of  the  formation  of  the 
complex  ion.  The  excess  lead  is  filtered  off  and  either  the  confirmatory 
test  or  the  estimation  is  made. 

Reduction  of  the  tin  will  not  be  complete  unless  the  lead  metal  is 
finely  divided  and  is  kept  continuously  mixed  with  the  solution  during 
the  time  of  boiling.  The  metal  can  be  either  fine  "granular"  or  "test"; 
coarse  granular  or  "shot"  are  unsatisfactory. 

Stannous  chloride  solutions  are  rapidly  oxidized  by  atmospheric 
oxygen.  For  this  reason  the  filtration  and  subsequent  operations  should 
follow  immediately. 

Confirmatory  Test 

The  confirmatory  test  depends  upon  the  oxidation  of  Sn(II)  to 
Sn(IV)  by  HgCl2  with  the  formation  of  insoluble  Hg2Cl2  as  follows: 

SnCL=  +  2HgCl2  =  SnCl6=  +  Hg2Cl2(» 

The  white  Hg2Cl2  turns  grey  upon  standing,  or  upon  being  heated, 
because  of  the  formation  of  finely  divided  mercury  and  un-ionized 
mercuric  chloride;  the  auto-oxidation  and  reduction  reaction  is  as 
follows : 

Hg2Cl2(s)  =  Hg(Z)  +  HgCl2 
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Estimation 

The  estimation  depends  upon  the  oxidation  of  Sn(II)  to  Sn(IV)  by- 
addition  of  a  standard  solution  of  Fe(III),  as  follows: 

SnCl4=  +  2FeCl++  =  SnCl6=  +  2Fe++ 

When  an  excess  of  Fe(III)  is  present  the  solution  becomes  yellow; 
this  yellow  color  is  caused  by  Fe(III)  chloride  complex  ions  whose 
formulas  may  vary  from  FeCl++  to  FeCl4~,  depending  upon  the  chloride 
ion  concentration. 

The  colors  of  Fe(III)  solutions  vary  depending  upon  both  pH  and 
the  anion  present.  Upon  dissolving  Fe(N03)3  in  water,  a  brownish- 
colored  solution  is  obtained  because  of  the  partial  hydrolysis  of  the 
ferric  ion, 

FC+++  +  HOH  =  Fe(OH)++  +  H+ 

Fe(OH)++  +  HOH  =  Fe(OH)2+  +  H+ 

Complete  hydrolysis  and  precipitation  of  the  hydroxide 

Fe(OH)2+  +  HOH  =  Fe(OH)3(s)  +  H+ 

will  occur  only  if  the  hydrogen  ion  concentration  is  less  than  approxi- 
mately 10-3  molar.  The  brownish-colored  solution  becomes  almost 
colorless  upon  addition  of  nitric  acid  in  sufficient  concentration  to 
repress  the  above  hydrolysis.  Since  the  addition  of  a  nitrate  does  not 
decrease  the  brownish  color,  and  since  stable  complex  ions  of  Fe(III) 
and  nitrate  ion  are  not  formed,  one  can  conclude  that  Fe+++,  or  more 
properly  Fe(H20)6+++,  is  almost  colorless. 

Upon  addition  of  chloride  ion  to  a  colorless  nitric  acid  solution  of 
Fe(III),  a  yellow  color  is  observed.  The  first  complex  which  forms  as 
chloride  is  added  is  FeCl++;  the  similarity  between  this  complex  and 
the  first  hydrolysis  product,  Fe(OH)++,  is  apparent.  Thiocyanate  forms 
a  similar  ion,  FeSCN++,  which  has  such  an  intense  color  that  it  and 
the  similarly  colored  Fe(SCN)2+  are  used  for  the  colorimetric  detection 
and  estimation  of  iron  in  P.  13. 
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P.  65.     instructions.     Confirmatory  Test  for  and 

Estimation  of  Tin 

Observe  the  size  of  the  hydrous  oxide  precipitate  (Note  1) 
from  P.  64.  Then  immediately  add  3  ml  of  12  F  HC1  to  the  mixture. 
Swirl  and  heat  the  mixture  until  the  precipitate  is  dissolved.  Add 
1.0  g  of  "fine  granular"  or  "test"  lead  (see  the  Discussion).  Boil 
the  mixture  for  at  least  5  minutes;  the  lead  should  be  kept  con- 
tinuously mixed  with  the  solution.  While  keeping  the  mixture 
boiling,  prepare  a  paper  filter. 

Remove  the  mixture  from  the  flame  and  immediately  decant 
the  solution  through  the  filter  and  into  a  50  ml  flask. 

Confirmatory  Test.  In  case  less  than  2-3  mg  of  tin  are  thought 
to  be  present,  quickly  cool  the  solution  and  add  1  ml  of  0.2  F  HgCl2 
solution.  Let  the  solution  stand  3-5  minutes.  {White  precipitate, 
which  may  become  grey,  presence  of  tin.) 

Estimation.  In  case  more  than  2-3  mg  of  tin  are  thought  to  be 
present,  quickly  add  to  the  warm  solution  1  F  FeCl3,  one  drop  at  a 
time,  and  swirling  after  each  drop,  until  the  first  permanent  yellow 
color  appears  in  the  solution.  Count  and  record  the  drops  added. 

From  the  volume  of  the  1  F  FeCl3  added,  calculate  the  milli- 
grams of  tin  in  the  sample  or  solution  being  analyzed. 


Note 


1.  If  uncertain  as  to  the  amount  of  tin  present,  proceed  as  follows  while 
allowing  the  mixture  containing  the  metallic  lead  to  boil : 

Add  0.1  ml  of  Sn(IV)  known  solution  to  4  ml  of  6  F  HC1;  then  add  15  F 
NH4OH  until  the  odor  of  NH3  is  perceptible  after  the  solution  has  been 
heated.  Make  an  estimate  of  the  quantity  of  tin  present  in  the  solution  being 
analyzed  from  the  relative  sizes  of  this  precipitate  and  the  one  that  has  been 
dissolved  by  the  HC1. 
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Tabular  Outline  13 


Precipitation  and  Separation  of  the 
Aluminum  and  Chromium  Groups 


(See  Tabular  Outline  9,  p.  284,  for  the  Separation  of  the  Aluminum- 
Chromium  Group  from  the  Sulfide  Group) 


Solution  (from  P.  51) : 
A1+++,  Zn++  Cr+++,  V(OH),++  CH3CSNH2,  CH3CONH2,  H2S,  H+  Cr 

P.  71.  Add  NH.OH  to  pU  7-8.  Heat 

Precipitate:  Al(OH)3)  Cr(OH)3,  (V(OH)4,  VS2)  ZnS) 

Add  NaHS 
Precipitate :  ZnS 


Precipitate:  Aluminum-Chromium  Group.  (As  above)      Solution :VS4    (orange), 


P.  72.  Dissolve  in  HN03.  Evaporate 

Solution:  A1+++,  Cr+++  V(OH)4+  Zn++,  H+ 
Dilute.  Add  10  F  H202 
(A1++,  Cr++,  HVC-4  (orange),  Zn++) 

Add  excess  NaOH.  Heat 

Solution: 

Al(OH)4-   Zn(OH)4=,  Cr04=  (yellow),  Y03-,  OH" 

P.  73.  Saturate  with  CO? 


CH3CSNH2,  CH3CONH2> 
HS",  Cl- 

Match  color  with  known  V 
solution 


Precipitate:  Al(OH)3,  ZnC03 
The  Aluminum  Group 


Solution:  Cr04=,  VOj",  HCOa",  H2C03 
The  Chromium  Group 


Separation  of  the  Aluminum  and  Chromium 

Groups  P.  71-73 


PROCEDURE    71 

PRECIPITATION  OF  THE  ALUMINUM- 
CHROMIUM  GROUP 

Discussion.  This  procedure  has  several  objectives.  First,  information 
is  obtained  quickly  as  to  the  presence  of  the  elements  of  the  Aluminum- 
Chromium  Group  in  the  filtrate  from  the  Sulfide  Group  precipitation; 
therefore,  in  the  absence  of  these  elements  no  further  analysis  is 
necessary.  Second,  preliminary  information  is  often  obtained  as  to 
the  presence  of  certain  of  the  individual  elements  of  the  group,  and 
this  information  can  be  used  to  expedite  the  subsequent  group  analysis. 
Finally,  the  procedure  effects  the  separation  of  the  elements  of  the 
group  from  the  large  excess  of  thioacetamide  added  in  P.  51.  This 
substance  would  continue  to  decompose  and  to  form  sulfide  and  would 
interfere  with  the  group  analysis. 

The  acid  solution  from  P.  51  is  first  neutralized  with  ammonium 
hydroxide  and  such  an  excess  is  added  as  to  provide  a  pH  of  7  to  8; 
then  sulfide  is  added  as  NaHS.  Several  effects  are  obtained.  First,  an 
ammonium  hydroxide-ammonium  ion  buffer  system  is  established 
which  causes  the  hydrolysis  and  quantitative  precipitation  of  the 
hydrous  oxides  of  aluminum  and  chromium — white  and  grey-green, 
respectively.  In  addition,  the  sulfide  will  cause  zinc  to  produce  a 
white  precipitate  of  zinc  sulfide.  Thus,  the  absence  of  any  precipitate 
establishes  the  absence  of  these  three  elements. 

In  addition,  sulfide  causes  the  formation  of  thio-anions  of  vanadium 
which  are  so  intensely  colored  as  to  indicate  the  absence  or  presence 
of  vanadium.  Vanadium  will  be  present  as  V(IV)  because  of  reduction 
by  sulfide  in  P.  51,  and  if  present  in  more  than  small  quantities  will 
be  partially  precipitated  as  the  brownish  hydrous  oxide  V(OH)4  or 
the  dark  VS2.  These  compounds  are  so  amphoteric  that  significant 
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quantities  will  dissolve  in  the  ammoniacal  solutions;  the  corresponding 
V(V)  compounds  are  even  more  soluble  in  such  solutions.  However,  if 
other  than  small  quantities  of  aluminum  or  chromium  are  present, 
the  vanadium  may  be  quantitatively  precipitated  as  vanadites  and 
vanadates.  (Both  the  vanadites  and  the  vanadates  polymerize  to  form 
such  anions  as  V206— ,  V409=,  V207— ,  and  VfiOn— .)  The  sulfide  and  mixed 
oxide-sulfide  anions  of  V(IV)  and  V(V)  which  are  formed  in  alkaline 
sulfide  solutions  range  in  color  from  red  to  brown.  These  colors  are  so 
intense  that  if  the  alkaline  sulfide  solution  of  this  procedure  is  perfectly 
colorless,  vanadium  can  be  assumed  to  be  absent  from  the  solution 
(even  though  present  in  the  precipitate).  There  is  uncertainty  as  to 
the  exact  formulas  of  these  anions,  although  V(V)  compounds  ranging 
from  (NH4)3VS03  to  (NH4)3VS4  have  been  prepared;  the  V(IV)  sulfide 
anions  are  oxidized  by  polysulfides  to  the  V(V)  compounds.  If  alkaline 
sulfide  solutions  containing  these  thio-anions  are  acidified,  precipitates 
of  the  black  sulfides  will  be  obtained,  but  the  precipitation  will  not 
be  quantitative. 

P.  71.     instructions.     Precipitation  of  the  Aluminum- 
Chromium  Group 

Add  6  F  NH4OH  to  the  solution  (Note  1)  from  the  thioacetamide 
treatment  (P.  51)  until  a  pH  of  7-8  is  obtained  (from  1  to  1.5  ml 
of  the  NH4OH  is  usually  required).  Then  add  1  ml  of  £  F  NaHS. 
Swirl  the  solution  and  heat  it  just  to  boiling  for  40-60  seconds. 
Check,  and  if  necessary  again  adjust  the  pH  to  7-8. 

(White  or  colored  precipitate,  or  colored  solution,  presence  of 
Aluminum-Chromium  Group  elements.  No  precipitate,  absence  of 
aluminum,  chromium,  and  zinc.)  (Note  2) 

Notes 

1.  A  white  precipitate  in  this  solution  can  be  S  or  ZnS  and  should  be  al- 
lowed to  remain.  The  sulfur  results  from  oxidation  of  H2S  or  thioacetamide; 
the  ZnS  is  caused  by  slow  precipitation  of  zinc  by  the  thioacetamide  added 
in  P.  51. 

2.  Considerable  evidence  as  to  the  elements  present  is  obtained  from  the 
results  of  the  neutralization.  See  the  Discussion. 
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(No  precipitate  and  a  colorless  solution,  absence  of  Aluminum 
and  Chromium  Group  elements.)  Discard  the  solution. 

If  a  precipitate  or  a  colored  solution  has  been  obtained,  swirl 
and  heat  the  solution  for  30  seconds,  or  for  as  long  as  obvious 
coagulation  of  the  precipitate  occurs.  (A  colored  solution  may 
obscure  a  precipitate  or  may  be  a  colloidal  suspension.)  Decant 
the  solution  in  equal  volumes  into  two  15  ml  test  tubes.  Drain 
the  flask  of  liquid;  retain  the  flask  and  any  precipitate  it  contains. 

Centrifuge  the  mixtures  in  the  test  tubes  and  transfer  the 
centrifugates  to  a  50  ml  flask — leave  as  little  solution  as  possible 
with  the  precipitates.  (It  is  not  necessary  to  wash  the  precipitate.) 

Treat  the  precipitates  in  the  retained  flask  and  in  the  two  tubes 
by  P.  72.  (If  they  are  not  to  be  treated  within  an  hour,  add  2-3 
drops  of  water  to  each  and  stopper  the  containers.  Precipitates 
become  resistant  after  drying  and  standing.) 

Detection  of  the  Vanadium  in  the  Centrifugate.  If  the  centrifugate 
solution  is  colorless,  vanadium  is  absent  from  the  solution  (Note  3). 
Discard  the  solution. 

If  the  solution  is  orange-colored,  vanadium  is  present.  Treat 
the  solution  as  directed  below  under  Estimation  of  Vanadium. 

If  the  centrifugate  has  only  a  yellowish  color,  prepare  a  com- 
parison sulfide  solution  as  follows:  Add  to  a  50  ml  flask  2  ml  of 
3  F  H2S04  and  5  ml  of  1  F  CH3CSNH2.  Heat  the  solution  almost 
to  boiling,  then  add  2  ml  of  3  F  (NH4)2S04.  If  there  is  a  precipi- 
tate, swirl  and  heat  the  solution,  then  filter  the  mixture.  Cool 

Note 

3.  If  the  solution  is  perfectly  colorless,  vanadium  is  absent.  If  the  solution 
has  a  characteristic  orange  color,  vanadium  is  definitely  present.  However, 
NaHS  solutions  on  standing  gradually  acquire  a  yellowish  color;  this  is  caused 
by  oxidation  of  sulfide  to  sulfur  by  the  oxygen  of  the  air  and  the  subsequent 
formation  of  polysulfides  such  as  S2=  and  S3=.  This  color  may  make  the  detec- 
tion of  small  quantities  of  vanadium  uncertain.  Therefore,  if  the  solution  is 
not  perfectly  colorless,  but  has  only  a  yellowish  color,  a  comparison  solution 
containing  the  same  quantity  of  the  NaHS  reagent  is  prepared  and  used  to 
aid  in  the  decision  as  to  the  presence  of  vanadium.  In  case  vanadium  is 
present,  a  vanadium  comparison  is  prepared  in  order  to  make  an  estimate  of 
the  quantity  present. 
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the  solution  and  add  6  F  NH4OH  until  a  pH  of  7-8  is  obtained, 
then  add  1  ml  of  2  F  NaHS.  Add  water  until  the  volume  is  the 
same  as  that  of  the  centrifugate.  Compare  the  color  intensity 
with  that  of  the  centrifugate;  use  a  white  background. 

If  the  color  of  the  centrifugate  is  more  intense  than  that  of  the 
comparison  solution,  vanadium  is  present.  Proceed  with  the  cen- 
trifugate as  directed  below  under  Estimation  of  Vanadium. 

If  the  color  of  the  centrifugate  is  not  more  intense  than  that 
of  the  comparison  solution,  vanadium  is  not  present  in  the  cen- 
trifugate. Discard  the  centrifugate. 

Estimation  of  Vanadium  in  the  Centrifugate.  Prepare  a  vanadium 
comparison  solution  as  follows:  Add  to  a  50  ml  flask  0.1  ml  of  V(V) 
known  solution  (1.0  mg  of  V),  and  proceed  as  directed  above 
for  the  preparation  of  the  sulfide  comparison  solution. 

Transfer  the  two  solutions  to  25  ml  graduates,  dilute  each  to 
25  ml,  and  mix  thoroughly.  Compare  the  intensity  of  the  colors 
by  looking  lengthwise  through  the  tubes  held  above  a  white  back- 
ground. Then  remove  successive  5  ml  portions  of  the  more  in- 
tensely colored  solution  until  an  approximate  color  match,  or 
reversal  in  relative  color  intensity,  is  obtained  (Note  4)-  From 
the  relative  volumes  of  the  solutions  calculate  the  milligrams  of 
vanadium  in  the  centrifugate. 

Note 

4.  Only  a  few  milligrams  of  vanadium  should  be  in  the  centrifugate.  There- 
fore this  rapid  colorimetric  procedure  is  used  here  even  though  it  is  less  accu- 
rate than  the  estimation  used  in  P.  84.  The  limited  accuracy  of  the  procedure 
does  not  justify  taking  time  to  make  color  comparisons  with  less  than  5  ml 
portions  or  to  obtain  exact  matches  of  color  intensities. 


PROCEDURE    72 

SOLUTION  OF  THE  ALUMINUM-CHROMIUM 
GROUP  PRECIPITATE.  DETECTION  OF 
CHROMIUM  AND  VANADIUM 

Discussion.     A  treatment  with  nitric  acid  is  used  to  dissolve  the  pre- 
cipitate from  P.  71.  Several  effects  are  obtained  by  the  use  of  this  acid. 
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First,  the  hydrogen  ion  effect  is  involved  in  dissolving  both  the  hydrous 
oxides  and  the  sulfides.  Second,  the  nitrate  oxidizes  sulfide  and  hydro- 
gen sulfide  to  sulfur  and  sulfate — the  various  actions  on  metallic  sul- 
fides have  been  discussed  in  P.  53,  p.  209. 

In  addition,  any  vanadium  present  as  V(IV)  is  oxidized  by  the  nitric 
acid  to  V(V);  Cr(III)  is  not  oxidized  to  Cr(VI)  under  these  conditions. 

Detection  of  Vanadium 

Hydrogen  peroxide  is  added  to  the  nitric  acid  solution  in  order  to 
detect  vanadium  by  the  intense  orange  color  of  the  peroxyvanadic 
acid  (thought  to  be  HV04)  which  is  formed.  (See  the  Discussion  of 
P.  15,  p.  230,  regarding  these  peroxy  compounds.) 

Vanadium  (IV)  and  the  lower  oxidation  states  of  vanadium  are 
oxidized  to  V(V)  by  peroxide  in  acid  solutions;  consequently  this 
peroxide  test  is  valid  regardless  of  the  initial  oxidation  state  of  the 
vanadium. 

Chromium  (III)  is  not  oxidized  to  Cr(VI)  by  peroxide  in  strongly 
acid  solutions.  However,  if  hydrogen  peroxide  is  added  to  Cr(VI)  in 
such  solutions  an  intensely  blue  peroxychromic  acid  is  formed  which 
is  thought  to  be  H2Cr06-  Chromium  is  sometimes  separated  from 
other  elements  and  detected  or  estimated  by  extraction  of  this  blue 
compound  into  immiscible  solvents  such  as  ethyl  acetate  or  ethers. 
The  blue  compound  is  unstable  in  aqueous  solutions  and  slowly  de- 
composes; Cr207=  is  reduced  by  peroxide  in  acid  solutions: 

Cr207=  +  3H202  +  8H+  =  2Cr+++  +  302  +  7H20 

Detection  of  Chromium 

After  the  detection  of  vanadium,  the  acid  peroxide  solution  is  made 
alkaline  and  the  peroxide  then  oxidizes  the  chromium  to  chromate, 

2Cr+++  +  3H02-  +  70H-  =  2Cr04=  +  5H20 

An  explanation  for  the  drastically  different  behavior  of  peroxide  in 
acid  and  alkaline  solutions  may  be  found  by  noting  that  in  the  mass- 
action  expression  for  the  reduction  of  Cr(VI)  the  hydrogen  ion  con- 
centration is  raised  to  the  eighth  power,  and  in  the  expression  for  the 
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oxidation  of  Cr(III)  the  hydroxyl  ion  concentration  is  raised  to  the 
seventh  power. 

When  the  alkaline  solution  is  heated  the  excess  of  peroxide  and  the 
peroxyvanadic  acid  are  decomposed;  the  resulting  vanadate  ion  is 
essentially  colorless.  The  yellow  color  of  the  chromate  ion  is  of  such 
intensity  that  a  colorless  solution  indicates  the  absence  of  chromium. 

P.  72.     instructions.     Solution  of  the  Aluminum- 
Chromium  Group  Precipitate 

Solution  of  the  Precipitate.  Add  2  ml  of  6  F  HN03  to  the  precipi- 
tate in  one  of  the  test  tubes  from  P.  71.  Shake  or  stir  the  mixture 
until  the  precipitate  is  dissolved  or  is  in  suspension,  then  transfer 
the  mixture  to  the  second  test  tube.  Repeat  this  treatment  in  the 
second  tube  and  transfer  the  mixture  to  the  50  ml  flask  from  P.  71. 

Repeat  this  process  with  1  ml  of  6  F  HN03.  Boil  the  mixture 
in  the  flask  until  all  of  the  precipitate  has  dissolved  and  any 
residue  of  sulfur  has  coagulated  (Note  1).  Filter  the  mixture  and 
collect  the  filtrate  in  a  50  ml  flask.  Wash  the  residue  with  1-2  ml 
of  hot  water.  Cool  the  combined  filtrate  and  wash  water. 

Detection  of  Vanadium.  Add  to  the  HN03  solution  5  ml  of  water 
and  15  drops  of  10  F  H202.  {Orange  color,  presence  of  vanadium.) 
(Note  2) 

Detection  of  Chromium.  Add  6  F  NaOH  dropwise  until  a  per- 
manent precipitate  forms  or  until  a  pH  of  8-10  is  obtained,  then 
add  2  ml  in  excess.  Heat  carefully  as  long  as  there  is  rapid  evolu- 
tion of  small  02  bubbles,  then  boil  for  15-30  seconds  or  until  any 


Notes 

1.  Even  though  the  sulfur  residue  may  be  dark  grey  it  will  not  contain 
significant  quantities  of  the  Aluminum-Chromium  Group  elements. 

2.  Upon  addition  of  the  H2O2  even  0.5  mg  of  vanadium  will  impart  an 
orange-yellow  color  to  the  solution  which  can  be  detected  in  the  presence  of 
any  greenish  color  caused  by  chromium.  Therefore,  if  no  color  is  produced 
by  the  H2O2,  the  subsequent  analysis  for  vanadium  (P.  83  and  P.  84)  can  be 
omitted. 
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precipitate  has  dissolved  or  any  green  color  has  disappeared 
(Note  3).  (Colorless  solution,  absence  of  chromium.)  (Note  Jf)  Treat 
the  solution  by  P.  73. 

Notes 

3.  If  the  amount  of  chromium  is  large,  a  greenish,  colloidal  chromic  hydrox- 
ide may  remain.  If  a  greenish  color  or  precipitate  persists,  cool  the  solution, 
and  add  an  additional  5  drops  of  10  F  H202.  Again  heat  the  solution  until  a 
clear  yellow  color  is  obtained. 

4.  Even  0.5  mg  of  chromium  will  cause  a  perceptible  yellow  color  if  the 
solution  is  compared  with  water.  Therefore,  if  no  color  was  produced  by  the 
H202  in  the  acid  solution,  and  this  alkaline  solution  is  colorless,  further  analysis 
for  both  chromium  and  vanadium  is  unnecessary.  The  decomposition  of  the 
colored  peroxy  vanadate  compound  proceeds  slowly,  so  that  when  vanadium 
is  present  the  solution  may  remain  colored  even  after  prolonged  boiling. 


PROCEDURE   73 

SEPARATION  OF  THE  ALUMINUM  GROUP 
FROM  THE  CHROMIUM  GROUP 

Discussion.  The  sodium  hydroxide  solution  from  P.  72  is  saturated 
with  C02  which  causes  precipitation  of  the  aluminum  as  hydroxide 
and  the  zinc  as  carbonate;  the  chromium  and  vanadium  have  been 
oxidized  to  chromate  and  vanadate  and  remain  in  solution  as  anions. 
Upon  saturating  a  sodium  hydroxide  solution  with  C02  a  sequence 
of  reactions  takes  place.  First,  hydration  of  the  carbon  dioxide  occurs: 

C02  +  H20  =  H2C03 

This  hydration  reaction  does  not  take  place  rapidly,  and  even  when 
equilibrium  is  obtained  only  a  small  fraction  of  the  dissolved  C02  exists 
as  H2C03.  In  equilibrium  expressions  such  as 

[H+][HCO,-]       K 
[H2C03] 

the  term  [H2C03]  represents  the  total  or  formal  concentration  of 
dissolved  C02,  that  is,  the  sum  [C02]  -f-  [H2C03]  (see  Chap.  5,  p.  81). 
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As  long  as  an  excess  of  hydroxyl  ion  is  present  in  the  solution  the 
H2C03  formed  will  be  converted  to  carbonate, 

H2C03  +  20H-  =  C03=  +  2H20 

Upon  continued  passage  of  the  C02,  bicarbonate  will  be  formed, 

co3=  +  h2co3  =  2HCO3- 

Finally  the  solution  will  become  saturated  with  C02.  For  as  long  as 
such  a  solution  is  kept  saturated  with  C02  it  will  be  buffered  at  a  pH 
value  which  is  fixed  by  the  concentration  of  the  bicarbonate  ion. 

For  example,  when  a  solution  at  room  temperature  is  saturated 
with  C02  at  atmospheric  pressure,  the  concentration  of  H2C03  plus 
C02  will  be  approximately  3  X  10~2  molar.  In  the  solution  below  the 
[HC03_]  will  be  approximately  1,  since  the  solution  was  approximately 
1  molar  in  hydroxide  initially  and  each  hydroxyl  ion  yields  one  HC03_. 
The  first  ionization  constant  of  carbonic  acid  is  3  X  10~7;  therefore 
the  hydrogen  ion  concentration  will  be  approximately  9  X  10~9. 

As  the  hydroxyl  ion  concentration  is  decreased  by  the  reaction  with 
H2C03,  the  aluminate  and  zincate  ions  are  decomposed  to  give  alu- 
minum hydroxide  and  zinc  carbonate,  respectively: 

OH-  +  H2CO3  =  HCO3-  +  H20 

Al(OH)4-  =  A1(OH)30)  +  OH- 
Zn(OH)4=  +  COr  =  ZnC03(s)  +  40H- 

Optional  procedures  are  described  below  for  saturating  the  solution 
with  carbon  dioxide  by  means  of  either  solid  carbon  dioxide  ("dry  ice") 
or  the  gas.  If  the  solid  is  available  its  use  is  recommended;  it  provides 
easier  and  more  rapid  saturation. 

P.  73.     instructions.     Separation  of  the  Aluminum  Group 

from  the  Chromium  Group. 

Saturation  of  the  Solution  with  Carbon  Dioxide 

Optional  Method  A:  With  Solid  Carbon  Dioxide  ("dry  ice"). 
Crush  the  solid  carbon  dioxide  into  particles  whose  diameter  is 
approximately  \  inch.  Solid  carbon  dioxide  which  contains  ob- 
jectionable quantities  of  oil  should  not  be  used. 
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Add  to  the  NaOH  solution  from  P.  72  about  0.5-1  cc  of  the 
solid — this  amount  fills  the  spoon  of  a  123  mm  porcelain  spatula. 
Swirl  the  mixture  vigorously  until  the  solid  has  evaporated;  hold 
your  thumb  over  the  mouth  of  the  flask  to  develop  a  moderate 
gas  pressure.  Continue  addition  of  portions  of  the  C02  until  the 
pH  is  8-9;  then  slowly  add  1  ml  of  6  F  HN03  (Note  1).  Continue 
the  addition  of  solid  C02  until  the  gas  seems  to  be  no  longer 
absorbed  and  the  pH  is  approximately  8  (Note  2).  (White  precipi- 
tate, presence  of  aluminum  or  zinc.) 

If  a  precipitate  is  obtained,  stopper  the  container  and  allow 
the  mixture  to  stand  for  10  minutes.  Proceed  as  directed  in 
"Treatment  of  the  Precipitate"  below. 

Optional  Method  B:  With  Carbon  Dioxide  Gas.  Fit  the  50  ml 
flask  containing  the  NaOH  solution  (from  P.  72)  with  a  2-hole 
rubber  stopper  carrying  a  short  outlet  tube  and  a  glass  inlet  tube 
extending  to  the  bottom  of  the  flask  and  terminating  in  a  fine 
capillary.  Remove  the  stopper  from  the  flask,  connect  the  inlet 
tube  to  a  C02  cylinder  or  generator,  immerse  the  capillary  tip  in 
water  in  a  beaker,  and  adjust  the  gas  flow  to  a  rate  of  4-5  bubbles 
a  second.  (The  gas  should  not  be  passed  into  the  solution  being 
analyzed  until  the  rate  of  flow  has  been  adjusted,  or  loss  of  solu- 
tion by  spattering  may  result.) 

Fit  the  stopper  to  the  flask  and  sweep  the  air  out  of  the  flask 
by  bubbling  C02  through  the  solution  for  15-20  seconds,  then 
place  a  finger  over  the  outlet  tube,  and  vigorously  swirl  the  solu- 
tion. Pass  the  C02  into  the  alkaline  solution  until  the  />H  has 
dropped  to  8  to  9  as  shown  by  wide-range  pH  paper.  Slowly  add 
1  ml  of  6  F  HN03,  then  continue  the  treatment  with  the  gas  until 
the  solution  is  saturated.  Saturation  is  indicated  when  the  C02 


Notes 

1.  More  rapid  saturation  is  obtained  by  first  converting  the  hydroxyl  ion 
to  carbonate  and  then  adding  the  nitric  acid. 

2.  If  an  excessive  amount  of  NaOH  has  been  used  in  the  fusion,  a  large 
white  precipitate  of  NaHC03  may  appear.  Such  a  precipitate  will  dissolve  in 
the  wash  water. 
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no  longer  bubbles  from  the  inlet  tube  when  the  outlet  tube  is 
closed  and  the  solution  swirled  (Note  3);  the  pH  should  be  ap- 
proximately 8  (Note  2).  (White  precipitate,  presence  of  aluminum 
or  zinc.) 

Treatment  of  the  Precipitate.  Filter  the  mixture  through  a  paper 
filter  and  collect  the  filtrate  in  a  50  ml  flask;  retain  as  much  of  the 
precipitate  as  possible  in  the  original  flask.  Wash  the  precipitate 
with  1-2  ml  of  water;  add  the  water  first  to  the  flask  containing 
the  precipitate,  then  pour  the  wash  water  over  the  filter.  Collect 
the  wash  water  with  the  filtrate. 

Treat  the  precipitate  by  P.  74. 

Treat  the  solution  by  P.  81. 

Note 

3.  More  rapid  saturation  is  obtained  by  applying  the  CO2  gas  under  pres- 
sure as  instructed.  Treatment  by  the  above  procedure  for  3-5  minutes  is 
usually  adequate  to  obtain  quantitative  precipitation  of  the  aluminum  and 
zinc. 

If  the  CO2  is  taken  directly  from  a  cylinder  without  a  reducing  valve  the 
above  method  of  testing  for  saturation  cannot  be  used.  In  such  cases  the 
treatment  with  CO2  should  be  continued  until  a  pH  of  approximately  8  is 
obtained. 
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Tabular  Outline  14 


Analysis  of  the  Aluminum  Group 


(See  Tabular  Outline  13,  p.  318,  for  Precipitation  of  the  Aluminum  Group) 


Precipitate  from  the  C02  treatment  (P.  73):  Al(OH)3,  ZnC03 
P.  74.  Dissolve  in  IICl.  Add  solid  NH4CL  then  NH40H 


Precipitate:  Al(OH)3 

P.  75.  Dissolve  in  HCl.  Neu- 
tralize   with    NaOII   and 
IICl.  Add  CHzC00II, 
ClhCOOMh,   and   Alu- 
minon.  Add  (XIl4)2C03 
Red  precipitate: 
Al(OH)3  lake 


Solution:  Zn(NH3)4+  +  ;  NH4OH.  NH4+  Cl" 
P.  76.  Add  NaHS 


Precipitate:  ZnS 

P.  77.  Dissolve  in  IICL 

(Zn++  H2S) 

Add  KAFe(C\\\ 
White  precipitate: 
K,Zn3(Fe(CN)6)2 


C1-,  HS- 

Discard 


Analysis  of  the  Aluminum  Group  {A  I,  Zii) 

P.  74-77 


PROCEDURE    74 

PRECIPITATION  OF  ALUMINUM 
AS  HYDROXIDE 

Discussion.  The  precipitate  from  the  carbonate  solution  of  P.  73  is 
dissolved  in  hydrochloric  acid.  Then  the  aluminum  is  precipitated  as 
hydroxide  by  addition  of  an  excess  of  ammonium  hydroxide;  the  zinc 
remains  in  solution  as  the  complex  ammine  (see  Tabular  Outline  14). 

The  difference  in  the  solubilities  of  aluminum  and  zinc  hydroxides 
is  so  small  that  zinc  will  be  coprecipitated  with  aluminum  hydroxide 
unless  optimum  conditions  are  provided.  For  this  reason  the  precipi- 
tation with  ammonium  hydroxide  is  made  from  a  solution  which  is 
saturated  with  an  ammonium  salt. 

The  effects  obtained  are  as  follows:  First,  a  large  concentration  of 
ammonium  ion  provides  a  buffer  system  which  controls  the  hydroxyl 
ion  concentration  at  a  value  that  does  not  cause  the  solubility  product 
of  zinc  hydroxide  to  be  exceeded.  This  follows  from  the  fact  that,  in 
a  solution  of  a  base  and  its  salt,  the  hydroxyl  ion  concentration  is 
determined  by  the  ionization  constant  of  the  base  and  by  the  ratio  of 
the  base  to  salt;  thus  in  the  present  case, 

ro      .  _         [NH4OH] 

Second,  by  having  a  high  concentration  of  ammonium  ion  a  corre- 
spondingly high  concentration  of  ammonium  hydroxide  can  be  present, 
thus  decreasing  the  zinc  ion  concentration  by  formation  of  complex 
ammines;  for  example: 

Zn++  +  4NH3  =  Zn(NH3)4++ 
Finally,  the  aluminum  hydroxide  precipitate  which  forms  in  the 
saturated  ammonium  salt  solution  is  more  compact  and  less  hydrous. 
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FLOW  SHEET  10 


Procedure  Sequence  for  the  Analysis 
of  the  Aluminum  Group 


P.  74.  Precipitation  of  Alumi- 
num. Dissolve  group  precipi- 
tate in  HCl.  Add  solid  NHiCl 
and  NHiOH 


I 

(Solution) 

I 


P.  76.  Precipitation   of   Zinc. 
Add  NaHS 


I 

(Solution) 

_L_ 

Discard 


(Precipitate) 


(Precipitate) 


P.  75.  Confirmation  of  Alumi- 
num.   Dissolve  in   HCl.    Neu- 
tralize. Add  CH3C00H, 
CH3COONH4,   Aluminon,  and 

(NH,),C03 


P.  77.   Confirmation 

of  Zinc. 

Dissolve  in  HCL 

Add  KtFe{CN)6 
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Such  a  precipitate  is  not  only  less  voluminous,  but  exhibits  less  tend- 
ency to  adsorb  zinc  on  its  surface  and  is  more  readily  filtered  and 
washed. 

P.  74.     instructions.     Precipitation  of  Aluminum  as 

Hydroxide 

Solution  of  the  Carbonate  Precipitate.  To  the  flask  containing 
the  precipitate  from  P.  73  slowly  add  3  ml  of  3  F  HC1.  Heat  the 
acid  almost  to  boiling  until  any  precipitate  in  the  flask  is  dissolved. 
Attach  a  15  ml  test  tube  to  the  funnel  which  contains  the  filter 
with  the  remainder  of  the  precipitate;  do  not  apply  suction.  Heat 
the  acid  solution  again  and  pour  it  from  the  flask  into  the  filter; 
use  a  2  X  150  mm  stirring  rod  to  gently  loosen  the  precipitate 
from  the  filter  and  to  mix  it  with  the  acid.  In  case  there  is  an  un- 
dissolved residue,  warm  1  ml  of  6  F  HC1  in  the  flask  and  apply  it 
dropwise  to  the  filter. 

Apply  gentle  suction  and  pull  the  acid  into  the  test  tube. 

Precipitation  of  Aluminum.  Incline  the  test  tube  and  evaporate 
the  acid  solution  to  a  volume  of  0.2-0.3  ml  or  until  any  large  resi- 
due just  remains  wet;  do  not  allow  any  part  of  the  residue  to  be- 
come dry.  Add  0.5  g  of  NH4C1  to  the  tube  and  with  a  stirring  rod 
thoroughly  mix  the  resultant  paste.  Add  0.5  ml  of  15  F  NH4OH, 
again  thoroughly  mix,  then  add  5  ml  of  water.  If  a  large  residue 
remains,  add  an  additional  0.5  ml  of  the  NH4OH.  {White  precipi- 
tate, presence  of  aluminum.) 

Filter  the  precipitate.  Wash  it  with  1  ml  of  water  and  add  this 
to  the  filtrate.  Wash  with  an  additional  1  ml  of  water  and  discard 
this  wash  water. 

Treat  the  precipitate  by  P.  75.  Treat  the  solution  by  P.  76. 

PROCEDURE    75 

CONFIRMATORY  TEST  FOR  ALUMINUM 

Discussion.  The  confirmatory  test  for  aluminum  is  based  upon  the 
adsorption  by  aluminum  hydroxide  of  a  colored  acidic  organic  com- 
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pound,  with  the  resultant  formation  of  a  lake  similar  to  that  made 
use  of  in  the  confirmatory  test  for  magnesium  (see  P.  27). 

The  adsorption  compound  with  aluminum  hydroxide  is  formed  in  a 
weakly  acid  solution  and  is  stable  in  the  presence  of  ammonium  car- 
bonate. Chromium  and  the  Alkaline  Earth  Group  elements  cause  the 
formation  of  a  reddish  compound  in  the  acidic  solution  but  this  color 
is  bleached  upon  addition  of  carbonate. 

The  organic  compound  used  here  is  the  ammonium  salt  of  aurintri- 
carboxylic  acid  ((NH4)2C22Hi209)  and  is  known  by  the  trade  name  of 
Aluminon.  The  adsorption  compound  is  bright  red.  Any  silica  which 
may  be  present  because  of  the  use  of  alkaline  reagents  which  have  been 
stored  in  glass  containers  would  be  precipitated,  but  the  silica  precipi- 
tate does  not  give  a  color  with  the  reagent. 

Because  of  the  lack  of  a  simple  volumetric  or  colorimetric  method 
for  the  estimation  of  aluminum,  a  comparison  of  the  size  of  the  pre- 
cipitate with  one  produced  by  a  known  quantity  of  aluminum  is  made. 
Such  a  comparison  can  provide  only  a  rough  estimate. 

P.  75.     instructions.     Confirmatory  Test  for  Aluminum 

Dissolve  the  precipitate  from  P.  74  with  2-3  ml  of  hot  3  F  HC1. 

If  more  than  1  mg  of  aluminum  is  thought  to  be  present,  take 
that  volume  of  the  acid  solution  which  is  thought  to  contain  about 
1  mg  of  aluminum,  and  dilute  it  to  3  ml  with  3  F  HC1. 

Make  the  solution  alkaline  with  6  F  NaOH  (Note  1).  Then  make 
the  solution  just  acid  (pH  3-5)  with  6  F  HC1.  Add  just  3  drops  of 
6  F  CH3COOH  and  0.5  ml  of  3  F  CH3COONH4.  Add  0.5  ml  of 
0.002-4  F  (0.1%)  ammonium  aurintricarboxylate  (Aluminon).  Let 
the  mixture  stand  for  5  minutes,  then  add  1  ml  of  3  F  (NH^CC^. 
(Red  color  in  solution  or  red  precipitate,  presence  of  aluminum.) 

Note 

1.  Reagents  are  frequently  contaminated  with  iron  salts  which  cause  ferric 
hydroxide  to  be  precipitated  here.  Therefore,  if  a  brown  precipitate  is  ob- 
tained, add  0.5  ml  of  6  F  NaOH,  heat  the  mixture  almost  to  boiling,  filter  or 
centrifuge,  then  discard  the  precipitate.  Then  proceed  with  acidification  of 
the  solution  as  directed. 
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Estimation  of  Aluminum.  Add  0.1  ml  of  the  aluminum  known 
solution  to  3  ml  of  3  F  HO  and  treat  it  by  the  paragraph  above. 
From  a  comparison  of  the  intensities  of  the  colors  or  the  sizes  of  the 
precipitates  make  an  approximate  estimate  as  to  the  milligrams 
of  aluminum  in  the  sample  or  solution  being  analyzed. 


PROCEDURE    76 

PRECIPITATION  AND  ESTIMATION  OF  ZINC 

Discussion.  Under  the  conditions  used  in  this  procedure,  zinc  sulfide 
is  less  soluble  than  zinc  hydroxide.  This  result  can  be  predicted  from 
the  solubility  products  involved  and  knowledge  of  the  concentrations 
of  sulfide  ion  and  hydroxide  ion  existing  in  the  solution.  Because  of  this, 
upon  addition  of  a  soluble  sulfide  to  the  ammoniacal  solution  from 
P.  74  precipitation  of  zinc  sulfide  takes  place.  Of  the  elements  provided 
for  in  this  system  of  analysis,  only  zinc  precipitates  as  a  white  sulfide. 
An  estimation  of  the  quantity  of  zinc  present  can  be  made  by  noting 
whether  additional  precipitate  formation  occurs  as  the  sulfide  reagent 
is  added.  This  estimation  will  be  only  approximate,  as  old  NaHS  solu- 
tions will  contain  S2=,  etc.,  from  decomposition  of  the  sulfide,  and  may 
not  be  the  exact  concentration  stated  on  the  label.  Trace  quantities  of 
other  metal  sulfides  present  as  impurities  in  reagents,  or  as  the  result  of 
imperfect  separations,  may  darken  the  zinc  sulfide  precipitate  or  even 
cause  it  to  appear  bluish  or  black;  for  this  reason  a  confirmatory  test 
is  provided. 

P.  76.     instructions.     Precipitation  and  Estimation  of  Zinc 

as  Sulfide 

Detection  of  Zinc.  To  the  ammoniacal  solution  (from  P.  74)  add 
1  drop  of  2  F  NaHS  and  swirl  the  mixture  vigorously  for  10-15  sec- 
onds. {White  precipitate,  presence  of  zinc.) 

Estimation  of  Zinc.  If  a  white  precipitate  is  formed,  continue  to 
add  dropwise  the  2  F  NaHS  until  there  is  no  further  precipitation; 
count  and  record  the  number  of  drops.  Swirl  the  mixture  vigorously 
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for  5-10  seconds  after  each  addition,  and  allow  the  solution  to 
drain  down  the  walls  of  the  tube.  Then  incline  the  tube,  allow  the 
next  portion  of  NaHS  to  flow  down  the  side  of  the  tube,  and  note 
if  precipitate  formation  takes  place  on  the  wall  of  the  tube.  If  the 
mixture  becomes  thick  with  precipitate,  centrifuge  briefly,  decant 
the  solution  into  another  test  tube,  and  add  another  drop  of  NaHS 
to  the  clear  solution. 

From  the  volume  of  2  F  NaHS  added,  calculate  the  milligrams 
of  zinc  in  the  solution  or  sample  being  analyzed. 

If  the  precipitate  obtained  is  small  and  discolored,  centrifuge 
the  mixture  and  treat  the  precipitate  by  P.  77.  Discard  the 
solution. 


PROCEDURE   77 

CONFIRMATORY  TEST  FOR  ZINC 

Discussion.  The  sulfide  precipitate  from  P.  76  is  dissolved  in  hydro- 
chloric acid.  Any  sulfur  which  may  have  been  formed  by  air  oxidation 
of  sulfide  is  oxidized  to  sulfate  by  addition  of  chlorate.  In  the  HC1 
solution  the  chlorate  first  oxidizes  the  chloride  to  chlorine,  which  oxi- 
dizes the  sulfur  to  sulfate.  Chlorate  can  oxidize  the  sulfur  directly  but 
the  rate  of  this  reaction  is  slow.  Any  excess  of  chlorate  is  reduced  by 
the  chloride  and  the  chlorine  thus  formed  is  expelled  by  boiling  the 
solution. 

Ferrocyanide  is  added  to  the  acid  solution  and  the  zinc  is  precipi- 
tated as  K2Zn3(Fe(CN)6)2.  Neither  aluminum  nor  chromium  causes  a 
precipitate  under  these  conditions. 

P.  77.     instructions.     Confirmatory  Test  for  Zinc 

To  the  sulfide  precipitate  from  P.  76  add  1  ml  of  6  F  HC1.  Heat 
the  solution  to  boiling.  If  a  white  colloidal  suspension  results,  add 
0.1  g  of  NaC103  and  again  heat  the  mixture.  Finally,  add  1  ml  of 
water  and  boil  until  no  more  Cl2  is  evolved. 

Cool  the  solution.  Add  6  F  KOH  dropwise  to  the  solution  until 
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a  pH  of  7-9  is  obtained  or  a  precipitate  forms.  (If  the  precipitate 
is  other  than  white,  add  0.5  ml  excess  of  the  KOH,  then  centrifuge 
or  filter.  Discard  the  precipitate.)  (Note  1)  Neutralize  the  solution 
with  HC1  to  a  pH  of  5-7.  Add  0.5  ml  of  6  F  HC1  and  5  ml  of  water. 
Dissolve  any  KC1  which  may  precipitate  by  swirling  the  solution. 
Add  to  the  solution  3-5  drops  of  0.25  F  K4Fe(CN)6.  (White  pre- 
cipitate, presence  of  zinc.) 

Note 

1.  This  step  is  for  the  purpose  of  removing  traces  of  iron,  which  would 
cause  a  colored  precipitate  with  the  ferrocyanide. 
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Tabular  Outline  15 


Analysis  of  the  Chromium  Group 


(See  Tabular  Outline  13,  p.  318,  for  the  Separation  of  the  Chromium  Group) 


Solution  from  the  C02  treatment  (P.  73) :  Cr04=,  VOr,  HC03-  H202 
P.  81.  Add  KMnOt.     Boil  (02) 


Solution:  Cr04=  V03-,  C03= 
Add  HNOi 

(Cr207=,  orange;  V(OH)4+,  greenish-yellow) 
Add  Pb(N03)2 


Precipitate:  Mn02 
Discard 


Precipitate:  PbCr04 
P.  82.  Add  H2SOi 

Solution:  V(OH)4+,  Pb++  H+,  N03~ 
P.  83.  Add  CHiCOONHi  and  PKNOJ, 

Solution: 

Cr207=,  orange 

Add  NaOH 

Precipitate : 
PbS04 

Discard 

Precipitate: 
Pb(V03)2 
P.  84.  AddH2S04 

Solution: 
CH3COOPb+ 

Discard 

Yellow  color: 

and  Na2S03 

Cr04- 

Solution:  V(OH),+  + 
Boil  out  <S02 

Precipitate:  PbS04 
Discard 

Add  H202:  Orange  color:  HV04 

Analysis  of  the  Chromium  Group 
(Cr,  V)  P.  81-84 


PROCEDURE   81 

PRECIPITATION  OF  CHROMIUM  AS 
LEAD  CHROMATE 

Discussion.  The  Removal  of  Peroxide.  The  carbonate  solution  from 
P.  73  may  still  have  present  some  of  the  peroxide  added  in  P.  72  (see 
Tabular  Outline  13).  This  peroxide  must  be  removed,  otherwise  the 
ehromate  would  be  reduced  by  the  hydrogen  peroxide  formed  when  the 
solution  is  subsequently  acidified.  This  reduction  reaction  can  be  repre- 
sented as  follows: 

Cr207=  +  3H202  +  8H+  =  2Cr+  +  +  +  302  +  7H20 

In  order  to  eliminate  the  peroxide  a  small  quantity  of  permanganate 
is  added  and  the  alkaline  solution  is  heated.  The  permanganate  is  re- 
duced to  manganese  dioxide  which  causes  the  catalytic  decomposition 
of  the  remaining  peroxide.  This  catalytic  decomposition  is  obtained 
because  peroxide  can  reduce  manganese  dioxide  and  in  turn  can  oxidize 
manganous  hydroxide  to  the  dioxide.  The  reduction  of  permanganate 
in  an  alkaline  solution  is  as  follows: 

2Mn04-  +  3H02-  +  H20  =  2Mn02(»  +  302  +  50H~ 

In  an  acid  solution  the  reduction  proceeds  to  Mn(II) : 

2MnOr  +  5H202  +  16H+  =  2Mn+  +  +  |02  +  13H20 

The  catalytic  decomposition  of  the  H202  can  be  explained  by  the  follow- 
ing reactions  (Mn(OH)3  may  be  involved) : 

MnOsOO  +  H202  =  02  +  Mn(0H)2(» 

Mn(OH)2(s)  +  H202  =  Mn02(s)  +  2H20 

After  the  peroxide  is  decomposed  the  added  manganese  is  removed 
by  filtering  out  the  oxide  precipitate. 
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FLOW  SHEET  11 


Procedure  Sequence  for  the  Analysis 
of  the  Chromium  Group 


P.  81.  Precipitation  of  Chro- 
mium. Add  KMnOi  to  solution 
from  P.  73.  {Discard  Mn02  pre- 
cipitate) 

Add  HN03  and  Pb(N03)2 


I. 

(Solution) 

I 


P.  83.  Precipitation  of  Vana- 
dium. Add  CHiCOONH,  and 

Pb(N03)2 


I 

(Solution) 

I 


(Precipitate) 


(Precipitate) 


P.  82.  Confirmation  of  Chro- 
mium. Dissolve  in  H2SO4 

(Discard    P6SO4    precipitate) 

Add  NaOH 


P.  84.  Confirmation  of  Vana- 
dium. Add  H2S0i  and  Na2S03 

(Discard    P6SO4    precipitate) 

Add  H202 


Discard 
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Separation  of  Chromium  from  Vanadium 

The  separation  of  chromium  from  vanadium  is  dependent  upon  the 
fact  that  lead  chromate  is  less  soluble  in  nitric  acid  solutions  than  is 
lead  vanadate.  However,  the  solubility  difference  is  such  that  the 
separation  is  critically  dependent  upon  proper  adjustment  of  the  nitric 
acid  concentration.  Complete  precipitation  of  lead  chromate  will  not 
take  place  if  the  hydrogen  ion  concentration  is  greater  than  approxi- 
mately 0.3  molar;  lead  vanadate  may  precipitate  if  the  hydrogen  ion 
concentration  is  much  lower  than  this  value. 

Both  chromic  and  vanadic  acids  are  incompletely  ionized  and  both 
polymerize  in  acid  solutions  to  form  complex  acids;  therefore,  the  solu- 
bilities of  their  salts  are  very  highly  dependent  upon  the  hydrogen  ion 
concentration.  "With  lead  chromate  this  effect  can  be  shown  as  follows: 

PbCrO40)  +  H+  =  Pb++  +  HCrOr 

2HCr04-  =  Cr207=  +  H20 

Strongly  alkaline  solutions  of  V(V)  are  essentially  colorless  and  the 
predominant  ions  present  are  V03~  and  V04~.  In  the  pH  range  from 
approximately  10  to  2,  yellowish  solutions  are  obtained.  In  these  solu- 
tions a  complicated  series  of  partially  protonated  anions  exist :  H2V207=' 
and  H2V60n=  are  examples.  Strongly  acid  solutions  of  V(V)  are  again 
essentially  colorless;  under  these  conditions  vanadium  pentoxide  is 
sufficiently  amphoteric  to  form  the  cation  V(OH)4+.  The  dissolving  of 
lead  vanadate  in  such  solutions  can  be  represented  as 

Pb(VO3)20)  +  4H+  +  2H20  =  2V(OH)4+  +  Pb++ 

P.  81.     instructions.     Removal  of  Peroxide.  Precipitation 

of  Chromium  as  Lead  Chromate 

Removal  of  Peroxide.  To  the  carbonate  solution  from  P.  73  add 
one  drop  of  0.2  F  KMn04.  If  the  solution  has  a  purple  color,  add 
1  drop  of  1  F  H202  (Note  1).  Evaporate  the  solution  until  the  vol- 

Note 

1.  If  an  excess  of  KMn04  is  added  the  solution  will  be  purple.  H202  is  added 
to  insure  that  all  of  the  added  manganese  is  removed  as  Mn02. 
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ume  is  reduced  to  5-6  ml.  Filter  the  mixture,  collect  the  nitrate  in 
a  50  ml  flask.  Wash  the  precipitate  and  the  filter  with  1  ml  of  water. 
Discard  the  precipitate  (see  Discussion  above). 

Precipitation  of  Chromium.  Add  6  F  HN03  to  the  carbonate 
solution,  dropwise  and  stirring  after  each  drop,  until  C02  is  no 
longer  evolved — take  care  not  to  lose  solution  by  effervescence. 
Boil  the  solution  for  1  minute.  If  the  pH  is  less  than  3  or  greater 
than  5,  add  dropwise  1  F  NaOH  or  1  F  HN03  as  required  until 
this  range  is  obtained.  Pour  the  solution  into  a  15  ml  test  tube. 

Add  water  to  a  similar  15  ml  test  tube  until  the  volume  matches 
that  of  the  HN03  solution.  Pour  the  water  into  a  25  ml  graduate 
and  note  the  volume.  Carefully  measure  out  in  a  10  ml  graduate 
exactly  -gV  of  this  volume  of  6  F  HN03.  Record  the  volume  of  this 
HNO3  in  your  notebook.  Add  this  HN03  to  the  test  tube  containing 
the  solution  being  analyzed.  Add  to  the  HN03  solution  1  ml  of 
0.5  F  Pb(N03)2.  In  case  a  large  white  or  yellow  precipitate  is  ob- 
tained, add  an  additional  0.5  ml  of  the  Pb(N03)2  (Note  2).  Swirl 
the  mixture  vigorously  while  cooling  the  test  tube  to  room  tem- 
perature by  means  of  tap  water.  Finally,  shake  the  solution 
intermittently  for  a  period  of  5  minutes.  {Pale  yellow  to  orange 
precipitate,  presence  of  chromium.) 

Centrifuge  the  mixture  briefly — about  30  seconds  is  usually 
sufficient  (Note  3) .  Transfer  the  centrif ugate  to  a  15  ml  test  tube. 
Treat  the  precipitate  by  P.  82.  Treat  the  solution  by  P.  83. 

Notes 

2.  A  white  precipitate  of  PDSO4  may  form  because  of  oxidation  of  sulfide 
or  sulfur  in  P.  71. 

Only  a  portion  of  the  lead  nitrate  precipitant  is  added  initially  to  minimize 
the  possibility  of  precipitation  of  Pb(V03)2. 

3.  In  case  some  of  the  precipitate  is  suspended  on  the  surface  of  the  solu- 
tion, decant  the  mixture  through  a  filter  but  retain  most  of  the  precipitate 
in  the  test  tube.  Pour  the  H2SO4  to  be  used  in  P.  82  first  through  the  filter 
and  collect  it  in  the  tube  with  the  remainder  of  the  precipitate. 
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PROCEDURE   82 

CONFIRMATORY  TEST  FOR  AND 
ESTIMATION  OF  CHROMIUM 

Discussion.  The  PbCr04  precipitate  from  P.  81  is  treated  with  H2S04 
to  methathesize  the  lead  chromate  to  lead  sulfate,  as  follows: 

2PbCrO40)  +  2HSOr  -  2PbS04(s)  +  Cr207=  +  H20 

The  orange  color  of  the  dichromate  ion  is  a  characteristic  and  sensitive 
test  for  chromium  and  is  used  in  quantitative  analysis  as  a  basis  for 
the  colorimetric  determination  of  chromium. 

However,  in  case  the  acid  concentration  has  not  been  properly  ad- 
justed in  P.  81,  Pb(V03)2  may  be  precipitated,  and  in  an  acid  solution 
V(V)  causes  a  yellowish  color.  Therefore,  the  solution  is  made  alkaline 
since  the  vanadate  ion  is  colorless  and  the  yellow  chromate  color  is 
then  confirmatory  of  the  presence  of  chromium.  Vanadium  may  cause 
a  temporary  yellow  color  in  the  cold  solution;  this  color  fades  more 
rapidly  when  the  solution  is  heated. 

P.  82.     instructions.     Confirmatory  Test  for  Chromium 

Metathesis  of  Lead  Chromate  to  Lead  Sidfate.  To  the  precipitate 
from  P.  81  add  1  ml  of  3  F  H2S04  and  1  ml  of  water.  Stir  the  mix- 
ture until  the  precipitate  is  loosened  from  the  test  tube,  is  com- 
pletely broken  up,  and  is  thoroughly  mixed  with  the  solution. 
Carefully  heat  the  mixture  almost  to  boiling  for  1  minute;  con- 
tinuously swirl  or  stir  the  mixture.  {Yellowish  to  orange  color, 
probable  presence  of  chromium.) 

Cool  and  filter  the  mixture.  Wash  the  precipitate  with  1  ml  of 
water;  collect  the  filtrate  and  wash  water  in  a  15  ml  test  tube.  Dis- 
card the  precipitate  (Note  1). 

Note 

1.  In  case  there  is  a  large  quantity  of  chromium,  the  PbS04  precipitate 
may  have  a  pale  yellow  color.  This  can  be  disregarded;  only  a  small  fraction 
of  the  chromium  will  be  retained  in  the  precipitate. 
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Estimation  of  Chromium.  To  a  second  15  ml  test  tube  add  1  ml 
of  3  F  H2S04  and  1  ml  of  water;  then  add  chromium (VI)  known 
solution  (10  mg  Cr(VI)  per  ml)  until  the  color  intensity  matches 
that  of  the  unknown  solution.  Look  lengthwise  through  the  two 
tubes  held  above  a  white  background.  From  the  volume  of  Cr(VI) 
known  solution  calculate  the  milligrams  of  chromium  in  the  sam- 
ple being  analyzed. 

Confirmatory  Test  for  Chromium.  To  the  H2S04  solution  being 
analyzed  add  2  ml  of  6  F  NaOH.  Heat  the  solution  just  to  boiling. 
(Yellow  solution,  presence  of  chromium.) 


PROCEDURE    83 

PRECIPITATION  OF  LEAD  VANADATE 

Discussion.  In  P.  81  chromium  was  separated  from  vanadium  by 
precipitation  of  lead  chromate  in  a  solution  approximately  0.3  molar 
in  nitric  acid.  In  the  present  procedure  there  are  added  to  the  nitric 
acid  solution  twice  the  number  of  moles  of  a  soluble  acetate  as  there 
were  of  nitric  acid  present.  As  a  result  the  molar  hydrogen  ion  con- 
centration is  reduced  to  a  value  numerically  equal  to  that  of  the 
ionization  constant  of  acetic  acid,  that  is,  1.8  X  10-5.  Under  these 
conditions,  quantitative  precipitation  of  lead  vanadate  can  be  obtained 
in  spite  of  the  fact  that  the  lead  ion  concentration  is  also  reduced  be- 
cause of  the  formation  of  a  lead  acetate  complex  ion. 


P.  83.     instructions.     Precipitation  of  Vanadium  as  Lead 

Vanadate 

Measure  out  a  volume  of  3  F  CH3COONH4  just  4  times  that 
of  the  recorded  volume  of  6  F  HN03  added  in  P.  81.  Add  the 
CH3COONH4  to  the  nitric  acid  solution  from  P.  81,  then  add 
1  ml  of  0.5  F  Pb(N03)2.  Swirl  the  solution  vigorously,  and  let  it 
stand  for  2-5  minutes.  (Pale  yellow  to  orange  precipitate,  presence 
of  vanadium.) 
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Centrifuge  the  mixture.  Decant  and  drain  the  solution  from 
the  precipitate.  Treat  the  precipitate  by  P.  84.  Discard  the 
solution. 


PROCEDURE   84 

CONFIRMATORY  TEST  FOR  AND 
ESTIMATION  OF  VANADIUM 

Discussion.  Any  chromate  not  precipitated  in  P.  81  would  precipi- 
tate as  lead  chromate  with  the  lead  vanadate  in  P.  83.  In  order  to 
confirm  the  presence  of  vanadium  the  lead  is  removed  as  sulfate, 
the  vanadium  and  any  chromium  are  reduced  by  sulfurous  acid  to 
V(IV)  and  Cr(III),  respectively,  and  then  peroxide  is  added  to  form 
the  colored  peroxyvanadic  acid. 

The  lead  vanadate  precipitate  (from  P.  83)  is  metathesized  to  lead 
sulfate  by  means  of  sulfuric  acid.  The  V(V)  is  then  reduced  to  V(P7) 
by  addition  of  a  soluble  sulfite.  The  complete  metathesis  of  the  lead 
vanadate  to  lead  sulfate  is  expedited  by  the  reduction  of  the  V(V)  to 
V(IV).  Therefore  the  lead  sulfate  is  not  filtered  until  after  addition  of 
the  sulfite.  The  equation  for  the  reaction  can  be  written 

2V(OH)4+  +  HS03-  +  2H+  =  2V(OH)2++  +  HS04-  +  3H20 

Vanadyl  ion,  V(OH)2++  or  VO++,  is  blue,  but  the  color  is  not  of 
sufficient  intensity  to  permit  the  detection  of  small  quantities  of 
vanadium;  any  chromium  not  precipitated  in  P.  81  would  be  present 
as  Cr(III)  and  would  cause  a  greenish  color  in  the  solution. 

Upon  the  addition  of  H202  to  the  acid  solution  two  effects  are  ob- 
tained. First,  the  V(IV)  is  oxidized  to  V(V), 

2V(OH)2++  +  H202  +  2H20  =  2V(OH)4+  +  2H+ 

Second,  the  V(OH)4+  then  forms  an  intensely  orange-colored  peroxy- 
vanadic acid. 

V(OH)4+  +  H202  =  HV04  +  2H20  +  H+ 

Although  chromic  acid  forms  an  unstable  blue  peroxy  compound  in 
strongly  acid  solutions,  the  presence  of  chromium  would  not  vitiate 
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the  test  for  vanadium;  Cr(III)  would  not  be  oxidized  by  peroxide  in 
this  acid  solution.  See  P.  15,  page  230,  in  regard  to  the  colored  peroxy 
acids. 

P.  84.     instructions.     Confirmatory  Test  for  and 

Estimation  of  Vanadium 

Metathesis  of  the  Lead  Vanadate  to  Lead  Sulfate.  To  the  precipi- 
tate from  P.  84  add  1  ml  of  water,  thoroughly  stir  the  mixture, 
then  add  1  ml  of  3  F  H2S04. 

Reduction  of  V(V)  to  V(IV).  Add  solid  Na2S03  in  10  mg  portions, 
swirling  and  warming  the  mixture  after  each  addition,  until  the 
odor  of  S02  can  be  detected  above  the  tube.  Filter  the  mixture. 
Collect  the  solution  in  a  25  ml  flask.  (Blue  solution,  presence  of 
medium  to  large  quantities  of  vanadium.)  Discard  the  precipitate. 

Confirmatory  Test  for  Vanadium.  Boil  the  solution  until  S02  can 
no  longer  be  detected  above  the  flask.  Cool  the  solution  to  room 
temperature  and  add  1  ml  of  1  F  H202.  (Yellow  to  orange  color, 
presence  of  vanadium.) 

Estimation  of  Vanadium.  Transfer  the  colored  solution  to  a  test 
tube.  In  a  similar  test  tube  take  1  ml  of  1  F  H202  and  2  ml  of  3  F 
H2S04.  Add  V(V)  known  solution  (10  mg  V  per  ml)  until  the  color 
matches  that  in  the  other  test  tube.  If  the  color  of  the  unknown 
solution  is  so  intense  that  accurate  comparison  is  difficult,  transfer 
the  solution  to  a  10  ml  graduate  and  dilute  with  water  to  5  ml. 
Place  1  ml  of  this  solution  in  a  test  tube  and  prepare  another  com- 
parison solution  as  directed  above.  Remember  the  dilution  factor 
when  calculating  the  amount  of  vanadium  present. 
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Tabular  Outline  16 


Separation  of  the  Acidic  Element 
Group  into  Subgroups 


Fusion  Solution:  Si03=;  I~  Br",  CI";  POr,  As04=   (Cr04=,  VO,")*;  S04=,  F~;  N03-, 
N02~,  CC»3=  (N  and  C  detected  in  separate  sample) ;  also  Amphoteric  Group  Elements 

P.  101.  Saturate  with  CO, 


Precipitate: 

Solution:  I",  Br",  CI";  HP04=,  HAs04=  (Cr04=,  V03");  S04=, 

SiOvx(H20)(also 

F";  NO3-  N02-, 

HCO3  ,  Alkali  Elements 

SnOo-x(HjO), 
PbCO-3,  CuCO-3, 
Al(OH)3,  ZnC03) 

P.  102.  Heat  with 
HzSO*.  Add  NaCl 
and  H20 

P.  103.  Add  HN03. 
Add  AgXOi 

(I2,  NO^ 

Precipitate: 
Agl,  AgI03, 
AgBr,  AgCl 

Solution:  H3As04,  HsPO,,  Cr207=, 
V(OH)4+;  HS04-,  HFr;  Ag+,  H+ 

P.  111.  Neutralize  with  Na2C03 

Precipitate: 

The  Halogen 
Group 

Add  ClhCOOH  and  CHzCOONHA 

SiOv(H20)x 

Precipitate: 

Solution: 

(Presence  of 

Ag3P04.  AgsAsOt 

HSOr,  HFr, 

Silicon) 

(Ag2Cr04, 

NOT,  Ag+, 

Solution: 

AgVO,)* 

CH3COOH 

SnCl6=,  PbClA 

The  Phosphorus 

Sulfur  and 

CuCl+  A1+++, 

Group 

Fluorine 

ZnCl4= 

Discard 

Analyze  separate  samples  for 
Nitrogen  and  Carbon 

*  The  analysis  for  Cr  and  V  is  made  in  the  Amphoteric  Element  Group;  they  precipitate  with 
As  and  P  in  the  Phosphorus  Group. 


Analysis  of  the  Acidic  Element  Group 


PROCEDURE    101 

PRECIPITATION  OF  SILICON  AND  CERTAIN 
AMPHOTERIC  ELEMENTS 

Discussion.  Silicon  and  certain  of  the  amphoteric  elements  would 
cause  difficulty  in  the  systematic  analysis  for  the  acidic  elements.  In 
the  procedure  below,  silicon  and  these  elements  are  caused  to  precipi- 
tate by  saturating  the  fusion  solution  with  carbon  dioxide.  As  was 
seen  in  P.  73,  this  process  converts  the  hydroxyl  ion  to  an  equivalent 
quantity  of  monohydrogen  carbonate,  HC03~,  and  causes  precipita- 
tion of  the  metal  hydroxides  or  carbonates  (see  Tabular  Outline  9, 
page  284  for  the  anions  present  in  the  fusion  solution,  and  Tabular 
Outline  16  for  the  precipitate  obtained  by  the  carbon  dioxide  treat- 
ment) . 

Silicic  acid  is  not  only  a  very  weak  acid  but  is  relatively  insoluble. 
For  this  reason  silicate  solutions  are  strongly  alkaline  because  of  hy- 
drolysis, and  if  neutralized,  or  made  acid,  precipitation  of  "silicic  acid" 
occurs.  This  precipitate  is  of  very  uncertain  composition  and  accord- 
ingly is  written  as  Si02x(H20).  Although  salts  corresponding  to  ortho- 
silicic  acid,  H^SKX,  and  to  such  polymerized  acids  as  H6Si>07  and 
H4Si308  are  known,  there  is  doubt  as  to  the  existence  of  these  acids, 
and  as  to  the  formulas  of  silicate  anions  in  aqueous  solutions. 
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FLOW  SHEET  12 


Procedure  Sequence  for  the 
Separation  of  Acidic  Element 
Group  into  Subgroups 


Fusion  Solution  (Portion  la- 
beled "P.  101.") 

P.  101.  Precipitation  of  Sili- 
con and  Certain  Amphoteric 
Elements.  Saturate  with  CO? 


I 

(Solution) 

I 


P.  103.  Precipitation  of  the 
Halogen  Group.  Add  HN03 
and  AgNOi 


1 

(Solution) 

1 


P.  111.  Precipitation  of  the 
Phosphorus  Group.  Neutralize 
with  NwiCOi 

Add  CHiCOOH,  CH3COOMh. 

and  AgNOi 


I. 

(Solution) 

I 


P.  121.  Sulfur  and  Fluorine 

FLOW     SHEET    15 


(Precipitate) 


(Precipitate) 


(Precipitate) 


P.  102.  Detection  of  Silicon. 
Add  HiSOi,  NaCl,  and  H20 


P.  104.  The  Halogen  Group 

FLOW    SHEET     13 


P. 

112.  The  Phosphorus  Group 

FLOW     SHEET     14 

p. 

pi, 

131. 

;  for 

Analyze  separate  sam- 
Carbon  and  Nitrogen 
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P.  101.     instructions.     Precipitation  of  Silicon  and 

Certain  Amphoteric  Elements 

Use  one  of  the  processes  described  in  P.  73  and  saturate  with 
C02  the  6  ml  of  the  fusion  solution  from  P.  3  labeled  Acidic  Ele- 
ment Group.  In  case  C02  gas  is  used,  first  adjust  the  gas  flow  (as 
instructed  in  P.  73)  so  that  the  alkaline  solution  is  not  spattered 
from  the  tube. 

In  case  there  is  a  precipitate,  centrifuge  the  mixture.  (If  an 
excessive  amount  of  NaOH  has  been  used  in  the  fusion,  a  white 
precipitate  of  NaHC03  may  appear  but  will  dissolve  in  the  wash 
water.)  Transfer  the  centrifugate  to  a  15  ml  test  tube.  Wash  the 
precipitate  with  1-2  ml  of  water  and  again  centrifuge  the  mixture; 
add  this  water  to  the  first  centrifugate. 

Treat  the  precipitate  by  P.  102.  Treat  the  solution  bv  P.  103. 


PROCEDURE   102 

SEPARATION  OF  SILICON  AS  SILICIC  ACID 

Discussion.  When  a  silicic  acid  precipitate,  such  as  is  obtained  in 
P.  101,  is  allowed  to  dry  for  a  long  period  of  time,  or  is  heated,  or  is 
treated  with  a  dehydrating  medium  such  as  concentrated  sulfuric  acid, 
a  residue  of  condensed  silicic  acid  is  obtained.  The  composition  of  this 
residue  is  so  uncertain  that  the  formula  can  be  indicated  only  as 
Si02a:H20. 

In  the  procedure  below,  the  precipitate  from  the  carbonate  treatment 
is  heated  to  fuming  with  concentrated  sulfuric  acid  in  order,  first,  to 
obtain  a  more  condensed  and  less  colloidal  precipitate,  and,  second, 
to  dissolve  other  amphoteric  elements  in  order  to  confirm  the  presence 
of  silicon. 

All  of  the  elements  of  the  Amphoteric  Element  Group  precipitated 
by  the  C02  treatment  will  be  dissolved  by  the  sulfuric  acid  except  lead, 
which  will  be  reprecipitated  as  the  sulfate.  Lead  sulfate  is  a  dense 
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crystalline  precipitate  which  can  be  readily  distinguished  from  the 
amorphous  flocculent  silicic  acid.  The  lead  sulfate  precipitate  is  dis- 
solved by  the  addition  of  sodium  chloride  because  of  the  formation  of 
complex  ions  such  as  PbCl3_  and  PbCl4=. 


P.  102.     instructions.     Separation  of  Silicon  as  Silicic 

Acid 

Add  slowly  to  the  carbonate  precipitate  (from  P.  101)  4  ml  of 
9  F  H2S04.  Heat  the  solution  until  dense  white  fumes  just  begin 
to  escape  from  the  mouth  of  the  tube — work  under  a  hood;  do  not 
point  the  open  end  of  the  tube  toward  any  person;  continuously  and 
rigorously  shake  the  solution;  use  only  a  3-Jf.  cm  flame,  and  apply  the 
flame  only  to  that  portion  of  the  tube  which  contains  the  acid.  {Amor- 
phous white  precipitate,  probable  presence  of  silicon;  crystalline 
white  precipitate,  probable  presence  of  lead.) 

Allow  the  tube  to  cool  for  at  least  5  minutes,  then  cool  it  with 
running  tap  water.  Continue  to  shake  and  cool  the  solution,  and 
add  in  50-100  mg  portions  1  g  of  NaCl;  finally,  while  shaking  the 
mixture,  add  dropwise  5  ml  of  water.  Heat  the  solution  almost  to 
boiling.  (Amorphous  white  precipitate,  presence  of  silicon.) 
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Tabular  Outline  17 


Analysis  of  the  Halogen  Group 


(See  Tabular  Outline  16,  p.  348,  for  the  Precipitation  of  the  Halogen  Group) 


Halogen  Group  Precipitate:  Agl,  AgI03,  AgBr,  AgCl 
P.  104.  Add  NHtOH     (Ag(NH3)2+,  CI",  Br")     Add  Zn 


Residue:  Ag,  excess  Zn 
Discard 


Solution:  I",  Br",  CI"  Zn(NH3)4++,  NH4OH 
P.  105.  Add  excess  UNO, 


(I-  Br-,  CI"  Zn++,  NH4+,  H+,  NOj") 
Add  KX02.     Shake  with  CCU.  Separate  the  phases 


CCL,  Phase:  I, 

Water  Phase:  Br",  CI",  Zn++,  NO,  NOT, 

P.  106.  Add  H3O.  Titrate  with  AgX03 

NH4+,  H+ 

(Agl(s),  AgIO»(*)) 

P.  107.  Boil  out  NO.    Cool 

Add  KMnOi.     Shake  with  CC'U.     Separate  the  phases 


CCI4  Phase:  Br2 

P.  108.  Add  H20,  HN03  and  KNO, 

Separate  water  phase.  (Br-,  N03~) 

Add  AgN03 
Precipitate:  AgBr 


Water  Phase:   CI"    Zn++,   N03",   MnOr 
Mn++  NH.+,  H+ 

P.  109.  Add  KN02  (CI-  Zn++,  NO,', 

Mn++,  NH4+,  H+) 

Heat.  Add  AgN03 
Precipitate:  AgCl 


Analysis  of  the  Halogen  Group  {I,  Br,  CI) 

P.  103-109 


General  Discussion 

Properties  of  the  Halides.  In  this  system  of  analysis  the  Halogen 
Group  is  composed  of  those  elements  of  column  VII  of  the  periodic 
system  which,  when  uninegative,  are  precipitated  by  silver  ion  from  a 
strongly  acid  solution;  these  elements  are  chlorine,  bromine,  and  io- 
dine.1 Fluorine  is  the  only  element  of  the  column  which  in  the  uninega- 
tive state  does  not  form  an  insoluble  silver  salt.  The  separation  of  the 
Halogen  Group  is  shown  in  Tabular  Outline  16,  and  the  analysis  is 
shown  in  Tabular  Outline  17. 

Solubilities  of  Halide  Salts 

The  relative  solubilities  of  certain  metal  halides  present  interesting 
anomalies.  Thus  the  solubilities  of  the  silver  halides  decrease,  while 
those  of  the  calcium  halides  increase  in  the  following  order:  fluoride, 
chloride,  bromide,  iodide. 

With  calcium  ion  and  some  other  cations  having  the  inert  gas  struc- 
ture, the  bonds  formed  with  the  halide  ions  are  predominantly  ionic. 
Therefore  the  electrostatic  forces  will  be  greatest  and  the  bonds  will  be 
strongest  with  the  smaller  ions,  and  the  compounds  formed  by  these 
smaller  ions  will  tend  to  be  less  soluble.  Thus  the  trend  in  solubility  of 
the  calcium  halides  is  as  one  would  expect.  We  observe  this  same  effect 
if  we  vary  the  size  of  the  cation;  the  solubility  of  the  alkali  metal 
fluorides  increases  as  one  goes  from  Li  to  Cs.  Again,  the  smaller  ions 
(Li,  for  example)  cause  the  bond  to  be  stronger  and  so  LiF  is  less 
soluble  than,  for  example,  is  KF. 

1  Element  85,  astatine,  At,  is  a  halogen  and  AgAt  is  apparently  insoluble.  However,  the  ele- 
ment is  so  unstable,  the  two  isotopes  having  half-lives  of  8.3  and  7.5  hours,  that  its  properties 
and  reactions  are  still  not  well  established. 
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FLOW  SHEET  13 


Procedure  Sequence  for  the  Analysis 
of  the  Halogen  Group 


P.  104.  Removal  of  Silver  as 
Metal 

Treat    group    precipitate    with 
NHt0H 

Add  zinc  metal 


I 

(Solution) 

I 


P.  105.  Separation  of  Iodine. 
Add  HN03,  KN02,  and  CCU 


I 

(Water  Phase) 

I 


P.  107.  Separation     of     Bro- 
mine. Add  KMnOt  and  CCU 


(Water  Phase) 

I 


P.  109.  Detection  and  Esti- 
mation of  Chlorine.  Add  KNO2 
and  AgN03 


(Residue) 


(CCI4  Phase) 


(CCU  Phase) 


Discard 


P.  106.  Estimation  of  Iodine. 
Add  H20  and  AgN03 


P.  108.  Estimation    of    Bro- 
mine.   Add  HiO,   KN02,  and 

AgN03 
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However,  the  unipositive  cations  of  the  column  lb  elements — copper, 
silver,  and  gold — have  18  outer  electrons  and  form  halides  with  bonds 
which  increase  in  covalent  character  with  increased  ionic  radius  of  the 
halide.  As  the  size  of  the  halide  ion  increases  there  is  a  greater  pos- 
sibility of  ion  polarization,  that  is,  of  deformation  of  the  electronic 
structure,  and  of  resultant  covalent  bond  formation.  The  increase  in 
covalent  bond  character  is  probably  responsible  for  the  decrease  in 
solubility  of  the  silver  halides  with  increase  in  atomic  radius  of  the 
halide,  and  also  for  the  corresponding  increase  in  the  stability  of  the 
silver  halide  complex  ions.  Thus  the  solubility  products  are  as  follows: 
AgCl,  10"10;  AgBr,  5  X  10~13;  and  Agl,  lO"16.  The  dissociation  con- 
stants for  the  complex  ions  have  not  been  accurately  measured,  but 
the  relative  solubilities  of  the  silver  halides  in  excess  of  the  halide  ion 
indicate  that  the  heavier  halide  complexes  are  more  stable. 

Other  factors  which  influence  solubilities,  but  which  are  beyond  the 
scope  of  this  text,  are  the  stability  of  the  crystals  which  a  substance 
forms,  and  the  energy  of  solvation  of  the  ions  or  molecules  which  are 
dissolved. 


PROCEDURE    103 

PRECIPITATION  OF  THE  HALOGEN  GROUP 

Discussion.  This  separation  of  the  Halogen  Group  from  the  Phos- 
phorus Group  as  the  silver  halides  is  made  possible  by  the  fact  that 
hydrochloric,  hydrobromic,  and  hydriodic  acids  are  strong  acids,  and 
are  essentially  completely  ionized  in  aqueous  solutions.  As  a  result  the 
solubilities  of  the  salts  of  these  acids  are  not  significantly  increased  by 
an  increase  in  the  hydrogen  ion  concentration. 

Phosphoric,  arsenic,  chromic,  and  vanadic  acids  are  all  weak  acids. 
Therefore,  although  the  silver  salts  of  these  acids  are  relatively  in- 
soluble in  water  they  rapidly  become  more  soluble  as  the  hydrogen  ion 
concentration  is  increased.  Accordingly,  in  this  procedure  the  concen- 
tration of  the  nitric  acid  is  adjusted  to  such  a  value  as  to  prevent  pre- 
cipitation of  any  of  the  elements  of  the  Phosphorus  Group. 

If  the  sample  has  been  fused  (P.  2),  nitrite  will  be  present  because 


358  ACIDIC    ELEMENT    GROUP 

of  the  thermal  decomposition  of  nitrate  during  the  fusion.  Upon  acidi- 
fication of  the  solution,  the  nitrous  acid  formed  will  oxidize  iodide  to 
iodine,  which  will  impart  a  brownish  color  to  the  solution;  volatiliza- 
tion of  this  iodine  is  minimized  by  cooling  the  solution. 

Upon  addition  of  AgN03  to  the  iodine  solution  the  following  reaction 
takes  place: 

6Ag+  +  3I2  +  3H20  =  5AgI(«)  +  AgI03(s)  +  6H+ 

(See  the  Discussion  of  P.  106,  p.  362).  Evidence  as  to  the  halogens 
present  can  be  obtained  from  the  color  of  the  precipitate. 

The  colors  of  the  silver  salts  are  as  follows:  AgCl  and  AgI03,  white; 
AgBr,  pale  yellow;  and  Agl,  yellow.  All  of  the  silver  halides  are  photo- 
chemically  decomposed  and  darkened  by  exposure  to  light. 

P.  103.     instructions.     Precipitation  of  the  Halogen 

Group 

Swirl  the  solution  from  P.  101  and  add  6  F  HN03  dropwise  as 
long  as  each  drop  causes  effervescence  (see  Note  1,  P.  51,  p.  290). 
The  pH  of  the  solution  should  be  not  greater  than  2-4.  (Cool  the 
solution  if  a  brownish  iodine  color  is  observed.)  Finally  add  1.0  ml 
excess  of  the  HN03.  (Brownish  color,  presence  of  iodine.  Yellow  or 
orange  color,  presence  of  vanadium  or  chromium.)  (Note  1) 

Add  to  the  HN03  solution  0.1  ml  of  1  F  AgN03.  (White  to  yellow 
precipitate,  presence  of  the  Halogen  Group.) 

If  there  is  no  precipitate  (absence  of  the  Halogen  Group), 
treat  the  solution  by  P.  111. 

If  there  is  a  precipitate  (presence  of  the  Halogen  Group),  con- 
tinue the  addition  of  the  AgN03  in  0.1  ml  portions  as  long  as 
additional  precipitate  formation  is  observed;  swirl  the  mixture 
vigorously  after  each  addition  of  AgN03  and  allow  the  precipitate 
to  settle  sufficiently  for  the  effect  of  the  next  portion  to  be  observed 

Note 

1.  Upon  acidification  of  the  solution,  the  presence  of  even  small  quantities 
of  chromate  and  vanadate  will  cause  yellow  to  orange  colors.  If  the  sample 
has  been  fused,  these  elements  will  be  reduced  to  Cr(III),  greenish,  and  V(IV), 
blue,  by  the  HN02  formed  when  the  solution  is  acidified.  Provision  is  made 
in  P.  Ill  for  the  reoxidation  of  these  elements. 
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in  the  clear  upper  layers  of  the  solution.  (The  total  volume  of 
AgN03  required  should  not  exceed  approximately  0.7  ml,  since  one 
milliequivalent  of  chloride,  the  halide  of  lowest  equivalent  weight, 
is  35  mg.  An  estimate  of  the  total  moles  of  halide  present  can  be 
made  from  the  volume  of  AgN03  required  for  this  precipitation.) 

Centrifuge  the  mixture.  Transfer  the  clear  solution  (the  cen- 
trifugate)  to  a  25  ml  flask.  Wash  the  precipitate  with  1  ml  of  water 
to  which  1  drop  of  6  F  HX03  has  been  added  and  again  centrifuge. 
Add  this  wash  solution  to  the  first  centrifugate. 

Treat  the  precipitate  by  P.  104.  Treat  the  solution  by  P.  111. 


PROCEDURE    104 

REMOVAL  OF  SILVER  AS  METAL 

Discussion.  The  presence  of  silver  ion  would  interfere  with  the  sepa- 
ration of  the  elements  of  the  Halogen  Group;  therefore,  the  first  re- 
quirement in  the  analysis  of  the  group  is  to  obtain  a  silver-free  solution. 
This  is  accomplished  by  reduction  of  the  silver  ion  to  metallic  silver  by 
means  of  metallic  zinc  (see  Tabular  Outline  17,  p.  354).  Because  the 
rates  of  reactions  between  solid  phases  are  always  relatively  slow,  the 
silver  halides  are  first  partially  dissolved  in  an  ammonia  solution  and 
are  then  treated  with  metallic  zinc. 

P.  104.     instructions.     Removal  of  Silver  as  Metal 

To  the  precipitate  of  the  silver  halides  add  2  ml  of  6  F  NH4OH 
and  heat  the  solution  to  60-70°  (Note  1).  Add  0.25  g  of  20-mesh 
zinc  metal,  and  shake  the  mixture  vigorously  for  30-60  seconds. 

Note 

1.  Evidence  as  to  the  quantity  of  the  halogens  present  is  given  by  the  solu- 
bilities of  the  silver  halides  in  the  2  ml  of  6  F  NH4OH.  The  maximum  quanti- 
ties of  the  halides  dissolved  are  as  follows:  chloride,  over  50  mg;  bromide, 
5-10  mg;  iodide,  0.5-1  mg.  The  precipitates  become  more  inert  to  the  ammonia 
after  exposure  to  light  because  of  photochemical  decomposition  and  the 
formation  of  a  protective  layer  of  metallic  silver. 
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If  the  zinc  particles  have  become  completely  darkened,  continue 
to  add  the  metallic  zinc  in  0.25  g  portions,  warming  and  shaking 
the  mixture  after  each  addition,  until  shiny  particles  of  zinc  can 
be  observed.  (Not  over  three  0.25  g  portions  of  the  zinc  should  be 
required.)  Finally,  evaporate  the  solution  to  about  1  ml,  then  add 
1  ml  of  water. 

Filter  the  mixture,  and  wash  the  filter  and  metallic  residue  with 
1  ml  of  water,  added  dropwise.  Collect  the  wash  water  with  the 
filtrate.  Treat  the  solution  by  P.  105.  Discard  the  residue. 


PROCEDURE    105 

DETECTION  AND  SEPARATION  OF  IODINE 

Discussion.  Iodine  is  separated  from  the  other  halogens  by  oxidizing 
iodide  to  iodine  and  extracting  the  iodine  from  the  aqueous  solution 
into  carbon  tetrachloride. 

The  elements  of  column  Vila  of  the  periodic  table  exhibit  a  decreas- 
ing tendency  with  increasing  atomic  weight  to  act  as  oxidizing  agents, 
that  is,  take  on  an  electron  and  to  become  uninegative.  This  effect  is 
shown  by  a  comparison  of  the  standard  potentials  of  the  half-cell  re- 
actions listed  below.  (The  treatment  given  in  Chap.  4,  Section  I,  of 
oxidation-reduction  reactions  and  on  the  oxidation  of  iodide  with  ni- 
trite, pp.  68-71,  should  be  reviewed.) 

2F-  =  F2(o)  +  2e-  E0  =  -2.87  v 
2C1-  =  C\2(g)  -f  2e-  -1.36 

2Br-  =  Br2(0  +  2e~  -1.07 

21-  =  I2(s)  +  2e~  -0.54 

These  standard  potential  values  indicate  that  iodide  is  the  most 
easily  oxidized  of  the  halide  ions  and  in  the  procedure  below  advantage 
is  taken  of  this  fact.  The  oxidizing  agent  used  is  nitrous  acid  and  the 
half-cell  reaction  and  potential  are  as  follows: 

NO(o)  +  H20  =  HN02  +  H+  +  e-      E0  =  -0.98  v 
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The  value  of  the  above  half-cell  potential  is  close  to  that  of  the  bro- 
mide-bromine half-cell;  therefore,  in  the  procedure  below,  an  excess  of 
nitrite  is  avoided  and  the  acid  concentration  is  kept  low  in  order  to 
avoid  significant  oxidation  of  bromide. 

A  discussion  of  extraction  processes  and  of  the  extraction  of  iodine 
in  this  procedure  is  given  in  Chapter  5,  p.  78. 


P.  105.     instructions.     Detection  and  Separation 

of  Iodine 

Cool  the  ammoniacal  solution  from  P.  104,  which  should  be 
in  a  15  ml  test  tube,  and  add  6  F  HN03  until  the  solution  has  a 
j)H  of  3-5;  then  add  0.5  ml  of  acid  in  excess  (the  pH  should  be 
1  or  less). 

Add  1  ml  of  CC14  and  1  drop  of  1  F  KN02  (made  from  the  6  F 
reagent) .  Shake  the  mixture  vigorously  until  the  two  solutions  are 
well  mixed;  allow  the  two  phases  to  separate  completely.  (Purple 
to  violet  color  in  the  CC14  layer,  presence  of  iodine.) 

If  iodine  is  absent  treat  the  mixture  in  the  test  tube  by  P.  107. 

If  iodine  is  present  continue  to  intermittently  shake  the  mixture 
as  long  as  the  color  in  the  CC14  layer  increases  in  intensity.  If  an 
intense  color  is  obtained  add  2  ml  more  of  the  CC14,  then  continue 
to  add  drops  of  the  KN02,  shaking  after  each  drop,  as  long  as  the 
iodine  color  in  the  CC14  increases.  (Not  more  than  a  total  of  6  drops 
of  1  F  KN02  should  be  required.) 

Allow  the  two  phases  to  separate.  By  means  of  a  dropper  with 
a  long  small-bore  tip  transfer  the  CC14  phase  to  a  25  ml  flask.  Take 
care  not  to  remove  any  aqueous  phase;  preferably  leave  a  few 
drops  of  the  CC14  phase. 

Add  1.0  ml  of  CC14  to  the  aqueous  phase,  vigorously  shake  the 
two  phases  as  before,  and  allow  them  to  separate.  Observe  the 
intensity  of  the  iodine  color,  then  add  1  drop  of  the  KN02; 
again  shake  the  mixture,  and  allow  the  phases  to  separate.  If 
the  intensity  of  the  iodine  color  increases  after  the  additional  drop 
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of  KN02,  the  KN02  should  be  added  again,  dropwise  as  before 
(Note  1).  Transfer  this  CC14  phase  to  the  flask.  Repeat  this  process 
as  long  as  there  is  a  distinct  iodine  color  in  the  CC14.  Treat  the 
CCI4  solution  by  P.  106. 

Boil  the  aqueous  solution  until  oxides  of  nitrogen  can  no  longer 
be  detected  by  their  color  in,  or  odor  above,  the  tube.  Cool  the 
solution.  Add  1  ml  of  CC14,  shake  the  mixture,  and  treat  it  by 
P.  107  (Note  2). 

Notes 

1.  This  additional  KNO2  is  added  as  a  precautionary  measure,  since 
nitrite  solutions  may  be  of  uncertain  concentration  because  of  oxidation 
by  air. 

2.  If  an  iodine  color  is  observed,  again  separate  the  CCU,  add  an  additional 
drop  of  KNO2,  and  repeat  the  treatment  described  in  the  last  paragraph  of 
this  procedure. 

The  solution  is  boiled  to  remove  excess  nitrous  acid  which  would  reduce 
the  permanganate  to  be  added  in  P.  107. 


PROCEDURE    106 

ESTIMATION  OF  IODINE 

Discussion.  When  the  elements  of  column  Vila  of  the  periodic  table 
are  dissolved  in  water,  two  reactions  may  take  place.  First,  the  ele- 
mentary halogen  may  oxidize  the  oxide  oxygen  of  water  to  elementary 
oxygen.  The  half -cell  reaction  and  standard  potential  for  this  ox- 
idation are 

2H20  =  02-l-  4H+  +  4e~      E0  =  -1.23  v 

A  comparison  of  this  potential  value  with  the  standard  potentials  for 
the  halide-halogen  half-cells  (given  in  P.  105)  indicates  that  botl 
fluorine  and  chlorine  should  oxidize  water,  and  such  is  the  case.  Witl 
fluorine  the  reaction  is  rapid  and  essentially  quantitative;  with  chlorine 
the  reaction  is  very  slow,  but  takes  place  at  an  appreciable  rate  in  sun- 
light. On  the  other  hand,  bromide  and  iodide  ions  in  acid  solutions  are 
slowly  oxidized  by  elementary  oxygen. 

The  second  reaction  with  water  which  takes  place  is  the  hydrolysis 
of  the  halogen,  as  follows : 
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X2  +  HOH  =  X-  +  HOX  +  H+ 

The  equilibrium  expression  for  this  reaction  is  formulated  as  follows: 

rx-irHoxi[H+] 

[X2] 

and  the  hydrolysis  constants,  KH,  have  the  following  values  for  the 
various  halogens:  Cl2,  4.8  X  10"4;  Br2,  5  X  10~9;  I2,  3  X  lO"13.  (Fluo- 
rine is  so  rapidly  reduced  by  water  that  the  hydrolysis  constant  cannot 
be  measured  experimentally.) 

The  above  hydrolysis  reactions  can  be  caused  to  proceed  still  further 
because  of  the  instability  of  HOX  with  respect  to  the  following  auto- 
oxidation-reduction  : 

3HOX  =  X03-  +  2X-  +  3H+ 
As  a  result,  the  over-all  hydrolysis  is  represented  by  the  equation 
3X2  +  3HOH  =  5X-  +  XO3-  +  6H+ 

It  is  apparent  that  this  hydrolysis  reaction  will  be  caused  to  proceed 
from  left  to  right  if  the  concentration  of  any  one  of  the  products  is 
decreased.  Consequently  the  hydrolysis  of  any  one  of  the  halogens  is 
essentially  quantitative  in  alkaline  solutions,  that  is: 

3X2  +  60H-  =  5X-  +  XO3-  +  3H20 

In  addition,  the  hydrolysis  reaction  can  be  caused  to  take  place 
if  the  concentration  of  the  halide  ion  is  correspondingly  reduced,  and 
this  effect  is  used  in  the  procedure  below.  The  CC14  solution  of  iodine 
from  P.  105  is  shaken  with  water  and  the  hydrolysis  of  the  iodine 
passing  into  the  aqueous  phase  is  made  to  proceed  quantitatively  by 
precipitation  of  both  iodide  and  iodate  with  silver  ion,  as  follows : 

3I2  +  3HOH  +  6Ag+  =  5  AglO)  +  AgI03(»  +  6H+ 

Silver  iodide  is  so  insoluble  that  the  reaction  is  quantitative  even  in  an 
acid  solution;  silver  iodate  is  also  relatively  insoluble.  The  color  of  the 
iodine  in  the  CC14  phase  is  so  intense  that  its  disappearance  can  be  used 
to  indicate  when  an  equivalent  quantity  of  silver  ion  has  been  added. 
Nitric  acid  is  added  to  the  aqueous  solution  to  prevent  precipitation 
of  the  silver  salts  of  weak  acids,  such  as  nitrous  acid,  phosphoric  acid, 
etc.,  which  may  be  present  because  of  inadequate  washing  of  the  CC14. 
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P.   106.     instructions.     Estimation  of  Iodine 

To  the  combined  CC14  solution  from  P.  105  add  5  ml  of  water 
and  2  drops  of  6  F  HN03.  Add  0.2  F  AgN03  (prepared  from  the 
1  F  reagent),  dropwise,  and  counting  the  drops,  until  the  iodine 
color  in  the  CC14  is  no  longer  visible;  continue  to  shake  vigorously 
after  each  drop  until  there  is  no  further  decrease  of  the  iodine  color. 
The  disappearance  of  the  color  can  be  noted  without  waiting  for 
complete  separation  of  the  phases. 

From  the  number  of  drops  of  AgN03  added  calculate  the 
milligrams  of  iodine  in  the  solution  or  sample  being  analyzed. 
Discard  the  mixture. 


PROCEDURE    107 

DETECTION  AND  SEPARATION  OF  BROMINE 

Discussion.  This  separation  of  bromide  from  chloride  is  based  upon 
the  assumption  that  one  can  cause  the  oxidation  of  bromide  to  bromine 
by  means  of  permanganate  in  an  acid  solution  without  significant  oxi- 
dation of  chloride  to  chlorine. 

The  half -cells  and  standard  potentials  involved  are  as  follows: 

2Br-  =  Br2(/)  +  2e~  E0  =  -1.07  v 

2C1-  =  Cl2(</)  +  2e-  -1.36 

Mn++ +  4H20  =  MnOr  +  8H+ +  5e-  -1.45 

These  potential  values  indicate  that  in  an  acid  solution  such  as  is  used 
below,  permanganate  should  oxidize  not  only  bromide  but  chloride  as 
well,  and  under  equilibrium  conditions  such  is  the  case. 

This  procedure,  in  which  quantitative  oxidation  of  bromide  by  per- 
manganate is  obtained  without  a  significant  oxidation  of  chloride, 
illustrates,  first,  that  the  rate  of  oxidation-reduction  reactions  cannot 
be  predicted  from  the  potentials  of  the  two  half-cells  involved,  and, 
second,  that  in  many  cases  reaction  rates  determine  the  effectiveness 
of  experimental  procedures. 

The  rate  of  oxidation  of  bromide  by  permanganate  is  not  extremely 
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fast,  and  therefore,  in  order  to  obtain  oxidation  of  the  last  traces  of 
bromide,  and  removal  of  the  bromine,  the  solution  is  heated  to  boiling. 
However,  in  order  to  prevent  significant  oxidation  of  chloride  by  per- 
manganate in  the  hot  solution,  the  hydrogen  ion  concentration  must 
be  reduced.  This  is  accomplished  by  adding  Na2S04  which  provides  a 
S04=-HS04~  buffer  system;  bromide  can  then  be  completely  oxidized 
and  the  bromine  expelled  without  oxidizing  chloride.  This  expedient 
of  heating  the  solution  shows  how  the  effect  of  a  decrease  in  the  con- 
centration of  one  of  the  rate-determining  constituents,  in  this  case  the 
hydrogen  ion,  can  be  overcome  by  an  increase  in  temperature.  This 
effect  results  from  the  experimental  fact  that  the  rates  of  most  reactions 
are  approximately  doubled  by  a  10°  increase  in  temperature.  (The  dis- 
cussion in  your  general  chemistry  text  of  the  factors  affecting  the  rates 
of  chemical  reactions  should  be  reviewed.) 

An  excess  of  KMn04  should  be  avoided,  and  the  nitric  acid  concen- 
tration should  be  at  least  0.5  F  in  order  to  prevent  the  precipitation  of 
MnOo  because  of  the  reaction 

2Mn04-  +  3Mn++  +  2H20  =  5Mn02<»  +  4H+ 

After  all  of  the  bromide  has  been  removed,  potassium  nitrite  is 
used  to  reduce  any  remaining  Mn04~  or  Mn02  to  manganous  ion. 
The  excess  of  nitrite  is  removed  by  boiling  the  solution;  otherwise 
AgN02  might  precipitate  in  P.  109.  The  reactions  involved  are  as 
follows : 

N02~  +  H+  =  HN02  {bluish) 

3HN02  =  H+  +  N03-  +  2NOfa)  +  H20 

P.  107.     instructions.     Detection  and  Separation  of 

Bromine 

To  the  aqueous  solution — carbon  tetrachloride  mixture  from 
P.  105  add  0.2  F  KMn04,  one  drop  at  a  time  and  swirling  there- 
after, until  a  permanganate  color  is  perceptible  in  the  solution. 
Thereafter,  shake  the  mixture  for  10-15  seconds  so  vigorously 
that  the  two  phases  are  well  mixed.  {Yellowish  to  orange  color  in 
the  CC14,  presence  of  bromine.) 

If  bromine  is  absent,  transfer  the  aqueous  phase  by  means  of  a 
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dropper  to  a  25  ml  flask.  Treat  the  aqueous  solution  by  the  last 
paragraph  of  this  procedure.  Discard  the  CC14  phase. 

If  bromine  is  present,  again  shake  the  mixture  vigorously  for 
10  seconds.  If  the  permanganate  color  disappears,  again  add 
KMn04,  dropwise.  Do  not  add  more  than  1  drop  excess  of  KMn04 
(Note  1). 

By  means  of  a  dropper  transfer  the  CC14  phase  to  a  15  ml  test 
tube.  Add  1.0  ml  of  CC14  to  the  aqueous  phase,  vigorously  shake 
the  two  phases  together,  and  allow  them  to  separate.  Add  addi- 
tional drops  of  KMn04  if  the  permanganate  color  disappears. 
Again  transfer  the  CC14  phase  to  the  test  tube.  Repeat  the  process 
as  long  as  there  is  a  distinct  color  in  the  CC14  phase  (Note  2) .  Treat 
the  CC14  solution  by  P.  108. 

Add  to  the  aqueous  phase  2  g  of  Na2SO410H2O  and  boil  it 
gently  for  2  minutes.  Add  additional  drops  of  KMn04  if  there  is 
neither  a  brown  precipitate  nor  a  pink  color,  and  again  boil  for 
30  seconds. 

Finally  add  1  F  KN02,  dropwise,  until  any  permanganate  color 
is  bleached,  or  any  brown  precipitate  is  dissolved,  then  boil  the 
solution  for  10-15  seconds.  Treat  the  solution  by  P.  109. 

Notes 

1.  Not  over  0.5  ml  of  the  0.2  F  KMn04  should  be  required  to  oxidize  the 
maximum  quantity  of  bromide. 

2.  The  last  traces  of  bromine  are  removed  when  the  solution  is  subsequently 
boiled;  therefore  it  is  not  necessary  to  continue  the  extraction  process  until 
the  CC14  is  colorless. 


PROCEDURE    108 

CONFIRMATORY  TEST  FOR  AND 
ESTIMATION  OF  BROMINE 

Discussion.  The  carbon  tetrachloride  solution  of  bromine  from  P.  107 
is  shaken  with  a  dilute  nitric  acid  solution  of  nitrous  acid.  Under 
these  conditions  bromine  is  reduced  by  the  nitrous  acid;  any  iodint 
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which  may  have  escaped  removal  in  P.  105  will  not  be  reduced  and 
will  remain  in  the  CC14  (see  the  Discussion  of  P.  105). 

The  aqueous  phase  is  separated  and  the  bromide  precipitated  as  the 
yellowish  silver  bromide.  If  some  chloride  has  been  oxidized  by  the  per- 
manganate, it  will  be  reduced  by  the  nitrous  acid  and  precipitated  by 
the  AgN03.  However,  by  first  adding  only  one  drop  of  AgN03  even  a 
small  quantity  of  bromide  will  cause  the  precipitate  to  appear  dis- 
tinctly yellowish. 


P.  108.     instructions.     Confirmatory  Test  for  and 

Estimation  of  Bromine 

Confirmatory  Test.  To  the  CC14  solution  from  P.  107  add  2  ml  of 
water,  shake  the  mixture,  then  allow  the  phases  to  separate.  Re- 
move and  discard  the  aqueous  phase. 

To  the  CC14  add  3  ml  of  water  and  just  5  drops  of  6  F  HN03. 
Add  6  F  KN02  to  the  mixture,  1  drop  at  a  time  and  vigorously 
shaking  after  each  drop,  until  the  CC14  becomes  colorless,  or  until 
3  drops  of  the  KN02  are  added  (Note  1). 

Transfer  the  aqueous  phase  to  a  15  ml  test  tube  and  heat  the 
solution  almost  to  boiling.  Add  1  drop  of  0.2  F  AgN03.  (Pale 
yellow  precipitate,  presence  of  bromine.) 

Estimation.  If  bromine  is  present,  add  the  0.2  F  AgN03  drop- 
wise,  and  vigorously  shake  the  mixture  after  each  drop,  until  no 
more  precipitate  formation  is  observed.  Count  and  record  the 
number  of  drops  added.  (Not  more  than  10  drops  should  be 
required.) 

From  the  volume  of  AgN03  that  was  added,  calculate  the  milli- 
grams of  bromine  in  the  solution  or  sample  being  analyzed. 

Note 

1.  In  case  there  is  an  iodine  color,  the  maximum  of  3  drops  of  KN02  should 
be  added.  The  iodine  color  is  so  much  more  intense  than  that  of  the  bromine 
that  the  disappearance  of  the  bromine  color  cannot  be  observed. 
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PROCEDURE    109 

DETECTION  AND  ESTIMATION  OF  CHLORINE 

Discussion.     Iodine  and  bromine  having  been  removed,  the  chlorine 
is  precipitated  as  silver  chloride. 

Very  small  quantities  of  chloride  (usually  less  than  0.3  mg)  are  fre- 
quently introduced  into  the  analysis  as  impurities  in  reagents  and  by 
absorption  of  HC1  fumes  which  are  likely  to  be  present  in  the  labora- 
tory. For  this  reason,  AgCl  precipitates  representing  not  more  than 
this  quantity  of  chlorine  (as  shown  by  a  comparison  precipitate)  can 
be  disregarded  unless  you  are  advised  to  the  contrary  by  your  instruc- 
tor. If  the  detection  of  such  small  quantities  of  chlorine  is  required, 
specially  purified  reagents  should  be  used  and  a  blank  analysis  made. 
A  blank  analysis  is  one  carried  through  the  system  without  a  sample 
in  order  to  detect  impurities  in  the  reagents. 

P.  109.     instructions.     Detection  and  Estimation  of 

Chlorine 

Heat  the  solution  from  P.  107  and  add  1  drop  of  1  F  AgN03. 
{White  'precipitate,  presence  of  chlorine.) 

If  chlorine  is  present  in  significant  quantity,  keep  the  solution 
hot  and  add  the  AgN03  dropwise  until  no  more  precipitate  is 
formed  upon  addition  of  the  next  drop.  (Do  not  add  an  excess;  this 
could  cause  a  precipitate  of  Ag2S04.)  Shake  the  mixture  vigorously 
and  let  the  precipitate  settle  so  that  the  effect  of  the  next  drop 
can  be  observed.  Count  and  record  the  number  of  drops  added. 

From  the  volume  of  1  F  AgN03  that  has  been  added,  calculate 
the  milligrams  of  chlorine  in  the  solution  or  sample  being  analyzed. 
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Tabular  Outline  18 


Analysis  of  the  Phosphorus  Group 


(See  Tabular  Outline  16,  p.  348,  for  the  Precipitation  of  the  Phosphorous  Group) 


Phosphorus  Group  Precipitate:  Ag3P04,  Ag3As04,  (Ag2Cr04,  AgV03) 
P.  112.  Treat  with  HN03  and  NH.Cl 


Precipitate:  AgCl 
Discard 


Solution:  H3PO4,  H3As04,  Cr207=,  V(OH)4+ 

Add  NH40H     (HP04=,  HAs04=,  Cr04=,  V03") 
P.  113.  Add  Mg(N0i),  and  NH4N03 


Precipitate : 

MgNH.POveHi.O 
MgNH.AsO.eHjO 


Solution: 
Cr04=,  VO3-,  C1-,  NO3-,  Mg++,  NH4+,  NH4OH 

Discard  or  treat  by  P.  81 


P.  114.  Dissolve  in  HCl     (HaP04,  H3As04,  Mg++,  NH4+) 
Heat.     Add  CH3CSNH2 


Precipitate:  AS2S6, 

Solution:  HjPO,,  Mg++,  NH4+,  CH3CSNH2,  H+,  C\~ 

As2S3,  S 

P.  115.  Evaporate.  Add  HNO3,  evaporate. 

Discard  or  treat 
by  P.  63 

Add  (NH^MoO* 

Precipitate:    (NH4)3PMo1204o    (yellow) 

Solution: 

P.  116.  Dissolve  in  NaOH 

Discard 

NH4+  HP04=,  M0O4- 

Analysis  of  the  Phosphorus  Group  {As,  P) 

P.  111-116 


PROCEDURE    111 

PRECIPITATION  OF  THE  PHOSPHORUS 
GROUP 

Discussion.  As  was  explained  in  the  Discussion  of  P.  103,  silver  phos- 
phate, arsenate,  chromate,  and  vanadate  are  not  precipitated  in  that 
procedure  because  of  the  hydrogen  ion  concentration,  approximately 
0.5  molar,  provided  by  the  nitric  acid  which  is  added.  In  this  procedure 
the  hydrogen  ion  concentration  is  lowered  to  between  10~5  and  10-6 
molar.  As  a  result  quantitative  precipitation  of  these  silver  salts  is 
obtained. 

The  effect  of  the  hydrogen  and  silver  ion  concentrations  on  the  solu- 
bility of  the  silver  salts  is  illustrated  by  considering  the  effect  of  these 
factors  on  the  solubility  of  silver  phosphate.  In  a  solution  0.5  molar 
in  hydrogen  ion,  the  phosphate  will  exist  primarily  as  un-ionized 
phosphoric  acid,  the  first  ionization  constant,  KAl,  of  H3P04  being 
7.5  X  10-3.  Therefore  the  dissolving  of  a  silver  phosphate  precipitate 
can  be  represented  as  follows : 

Ag3P04(s)  +  3H+  =  H3P04  +  3Ag+ 

and  the  equilibrium  expression  for  the  reaction  is 

[H3PQ4][Ag+? 

[H+]3  "  ^ 

This  expression  shows  that  in  such  an  acid  solution  the  solubility  of 
the  silver  phosphate,  as  measured  by  the  concentration  of  the  H3P04, 
will  be  proportional  to  the  cube  of  the  hydrogen  ion  concentration,  and 
inversely  proportional  to  the  cube  of  the  concentration  of  the  silver  ion. 
In  this  procedure,  the  hydrogen  ion  concentration  of  the  solution 
is  decreased  from  0.5  molar,  the  value  prevailing  in  P.  103,  to  approx- 
imately 5  X  10-6  molar,  the  value  established  by  the  acetic  acid- 
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FLOW  SHEET    14 


Procedure  Sequence  for  the  Analysis 
of  the  Phosphorus  Group 


P.  112.  Removal  of  Silver  as 

Chloride.       Treat 

preri/i 

tafe 

from  P.    Ill    with 

HN03 

and 

NHiCl 

(Discard  residue) 

Add  NHtOH 

P.  113.  Separation  of  Arsenic 
and  Phosphorus  from  Chro- 
mium   and    Vanadium.    Add 

Uu'XOihandNHtNOz 


I 

(Precipitate) 

I 


P.  114.  Precipitation    of    Ar- 
senic. Add  HCl  and 
CHzCSNH* 


1. 

(Solution) 


P.  115.  Precipitation  of  Phos- 
phorus. Add  IINOz  and 
{NH&MoOi 


.  1. 

(Solution) 

I 


(Solution) 


(Precipitate) 


(Precipitate) 


Discard  or  treat  by  P.  81.  Anal- 
ysis of  Chromium  Group 

FLOW    SHEET    11 


Discard  or  treat  by  P.  63.  Esti- 
mation of  Arsenic. 

FLOW     SHEET    9 


P.  116.  Estimation   of  Phos- 
phorus.  Titrate  with  NaOH 


Discard 
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acetate  ion  buffer  system  used  below.  Also,  the  silver  ion  concentration 
is  increased  by  the  addition  of  more  silver  nitrate.  Experiments  have 
shown  that,  although  the  maximum  quantities  of  phosphate,  arsenate, 
chromate,  and  vanadate  provided  for  in  this  system  do  not  precipitate 
in  P.  103,  less  than  0.5  nig  of  any  one  of  these  elements  will  give  an 
easily  perceptible  precipitate  under  the  conditions  of  the  present 
procedure. 

P.  111.     instructions.     Precipitation  of  the  Phosphorus 

Group 

In  case  the  sample  has  been  fused  (P.  3)  and  chromium  or 
vanadium  are  present,  proceed  as  directed  in  Note  1.  (Consult 
your  instructor.) 

To  the  solution  from  P.  103  add  1.5  F  Na2C03,  drop  wise  and 
swirling  after  each  drop,  until  no  more  bubbles  of  C02  are  formed 

Note 

1.  The  nitrite  formed  during  the  fusion  of  the  sample  will  reduce  Cr(VI) 
to  Cr(III)  and  V(V)  to  YilY)  when  the  fusion  solution  is  acidified  in  P.  103. 
In  the  procedure  given  in  this  note  these  elements  are  reoxidized  by  peroxide 
in  an  alkaline  solution.  The  excess  of  silver  added  in  P.  103  is  first  removed 
as  chloride,  otherwise  metallic  silver  would  be  formed  during  the  alkaline 
peroxide  treatment. 

In  case  the  sample  has  been  fused  and  if  chromium  or  vanadium  is  present 
(as  known  from  the  analysis  of  the  Amphoteric  Element  Group),  proceed  as 
follows: 

To  the  HNO3  solution  from  P.  103  add  1  F  NH4CI,  dropwise,  until  no  more 
precipitate  forms.  Shake  the  mixture  vigorously  after  adding  each  drop. 
Filter,  and  discard  the  precipitate. 

Add  to  the  solution  0.5  ml  of  10  F  H202.  Add  6  F  NaOH  until  the  pR  is  be- 
tween 5  and  8,  then  add  1  ml  more  of  the  NaOH.  Boil  the  solution  for  3-5 
minutes,  or  until  no  more  small  oxygen  bubbles  are  formed. 

Add  1  ml  of  (5  F  IINO3,  then  add  dropwise  HNO3  or  NaOH  as  required  to 
obtain  a  pli  between  5  and  8. 

Treat  the  solution  by  the  third  paragraph  of  this  procedure,  beginning 
"Add  0.2  ml  of  6  F  CH3COOH.  .  .  ." 
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as  each  drop  enters  the  solution  (Note  2). 

Add  0.2  ml  of  6  F  CH3COOH.  Check  that  the  pR  of  the  solu- 
tion is  less  than  6  and  greater  than  3;  otherwise  add  Na2C03  or 
CH3COOH  dropwise  until  the  pH  is  within  this  range.  Add  2  ml 
of  3  F  CH3COONH4,  then  5  drops  of  1  F  AgN03.  [Pale  yellow  to 
brown  precipitate,  presence  of  the  Phosphorus  Group — Note  3.) 

If  the  Phosphorus  Group  is  absent,  treat  the  solution  by  P.  121. 

If  the  Phosphorus  Group  is  present,  add  AgN03  dropwise  until 
no  additional  colored  precipitate  forms  (Note  3);  swirl  the  mix- 
ture after  each  addition  of  AgN03  and  allow  the  precipitate  to 
settle  before  adding  the  next  portion.  (The  total  volume  of  AgN03 
added  in  P.  103  and  here  should  not  exceed  3  ml.) 

Filter  the  mixture;  collect  the  filtrate  in  a  50  ml  flask.  Wash 
the  precipitate  with  1  ml  of  water;  collect  the  wash  water  with 
the  filtrate.  Wash  the  precipitate  with  another  1  ml  of  water  and 
discard  the  wash  water. 

Treat  the  precipitate  by  P.  112.  Treat  the  solution  by  P.  121. 

Notes 

2.  In  making  this  neutralization  note  how  rapidly  any  local  precipitate 
redissolves  on  swirling  the  mixture.  Precipitation  of  the  silver  salts  of  the 
Phosphorus  Group  anions  will  occur  a  few  drops  before  cessation  of  CO2 
formation.  The  colors  of  these  salts  are  as  follows:  Ag3P04,  pale  yellow; 
Ag3As04,  brown  to  red;  Ag2Cr04,  orange  to  brown;  AgV03,  pale  yellow  to 
orange. 

A  white  precipitate  of  Ag2C03  will  form  coincidentally  with  the  cessation 
of  CO2  formation.  If  the  neutralization  has  been  properly  made,  this  white 
precipitate  will  redissolve  upon  addition  of  the  CH3COOH. 

3.  If  a  large  excess  of  AgN03  has  been  added  in  P.  103  a  translucent  crys- 
talline precipitate  of  CH3COOAg  may  form.  Such  a  precipitate  will  dissolve 
if  the  solution  is  heated  and  should  be  disregarded. 

If  chromium  and  vanadium  are  present  and  the  procedure  of  Note  1  has 
been  used,  a  white  precipitate  of  AgCl  will  form  first  on  addition  of  the 
AgN03.  This  AgCl  will  be  removed  in  P.  112. 

PROCEDURE    112 

REMOVAL  OF  SILVER  AS  CHLORIDE 

Discussion.     The  presence   of  silver  ion   would  interfere   with  the 
analysis  of  the  Phosphorus  Group;  therefore  the  precipitate  from  P.  Ill 
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is  treated  with  a  mixture  of  nitric  acid  and  ammonium  chloride  and 
the  resulting  silver  chloride  removed. 

Two  objectives  are  attained  by  the  nitric  acid-ammonium  chloride 
treatment.  First,  the  hydrogen  ion  causes  the  precipitate  to  dissolve 
because  of  the  conversion  of  the  Phosphorus  Group  anions  to  the 
corresponding  weak  acids.  Second,  the  chloride  ion  causes  precipitation 
of  the  silver  as  the  chloride,  and  this  can  be  removed  from  the  solution. 
The  over-all  reaction  with  silver  phosphate  can  be  written  as  follows: 

Ag3P04(s)  +  3H+  +  3C1-  =  3AgCl(s)  +  H3P04 
The  chloride  ion  concentration  is  kept  low  for  two  reasons:  to  avoid 
dissolving  the  precipitate  as  AgCl2_  or  AgCl3=,  and  to  prevent  danger 
of  reduction  of  the  chromate  to  chromium  (III).  The  solution  is  also 
kept  cold  to  minimize  this  danger. 

P.  112.     instructions.     Removal  of  Silver  as  Chloride 

Mix  1  ml  of  6  F  HN03,  1  ml  of  1  F  NH4C1,  and  1  ml  of  water. 
Pour  the  cold  solution  repeatedly  through  the  filter  containing 
the  Phosphorus  Group  precipitate  (from  P.  Ill)  until  a  clear 
filtrate  is  obtained.  (Colorless  filtrate,  absence  of  chromium  or 
vanadium — Note  1.)  Treat  the  solution  by  P.  113.  Discard  the 
silver  chloride  residue. 

Note 

1.  Even  0.5  mg  of  Cr(VI)  or  V(V)  will  impart  a  perceptible  greenish- 
yellow  to  orange  color  to  the  solution.  If  the  solution  is  colorless  these  ele- 
ments can  be  assumed  to  be  absent.  In  this  case,  if  arsenic  may  be  present, 
add  2  ml  of  water  and  treat  the  solution  by  the  second  paragraph  of  P.  114. 
If  arsenic  is  known  to  be  absent,  treat  the  solution  directly  by  P.  115. 


PROCEDURE    113 

SEPARATION  OF  ARSENIC  AND  PHOSPHORUS 
FROM  CHROMIUM  AND  VANADIUM 

Discussion.  Phosphorus  and  arsenic  are  separated  from  chromium 
and  vanadium  by  precipitation  of  MgNH4P04  •  6H20  and  MgNH4As04  • 
6H20.  The  chromates  and  vanadates  of  magnesium  are  soluble. 
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One  would  expect  a  similarity  between  the  analogous  compounds 
of  phosphorus  and  arsenic,  and  this  similarity  is  especially  pronounced 
when  these  elements  are  quinquepositive.  Thus  MgNH4P04  •  6H20  and 
MgNH4As04  •  6H20  are  isomorphous  and  have  almost  identical  solu- 
bilities. The  solubility  products  of  these  compounds  have  the  form 
which  is  illustrated  by  the  phosphate  as  follows: 
[Mg++][NH4+][P04=]  =  KSP 

In  pure  water  their  solubility  is  increased  to  a  considerable  extent  by 
the  following  hydrolysis  reaction, 

MgNH4P04(s)  +  H20  =  Mg++  +  NH4OH  +  HP04= 

As  would  be  expected,  the  addition  of  NH4OH  will  repress  this  hy- 
drolysis. However,  if  the  ammonia  concentration  becomes  too  large  the 
hydroxyl  ion  concentration  is  raised  to  a  value  which  causes  pre- 
cipitation of  Mg(OH)2. 

In  order  to  decrease  the  solubilities  of  these  compounds  in  this 
procedure  both  NH4+  and  NH4OH  are  added  in  relatively  high  con- 
centrations, but  with  the  ratio  of  their  concentrations  so  adjusted  as 
to  give  a  hydroxyl  ion  concentration  below  that  causing  precipitation 
of  Mg(OH)2.  One  can  see  from  the  expression 

.  [NH4OH] 

[OH]-XB    [NH4+] 

that  the  hydroxyl  ion  concentration  is  fixed  when  a  definite  ratio  of 
NH4+  to  NH4OH  is  established  in  a  solution. 

Both  the  phosphate  and  arsenate  precipitates  form  such  stable 
supersaturated  solutions  that  precipitate  formation  may  be  delayed 
for  hours.  In  such  cases,  shaking  or  stirring  the  solution  vigorously, 
or  rubbing  the  walls  of  the  container  gently  but  rapidly,  is  effective 
in  promoting  precipitation.  Also,  if  time  is  available,  the  solution 
should  be  allowed  to  stand  for  several  hours  or  longer  in  order  to 
minimize  solubility  losses. 

P.  113.     instructions.     Separation  of  Arsenic  and 

Phosphorus  from  Chromium  and 
Vanadium 

To  the  HC1  solution  from  P.  112  add  6  F  NH4OH  until  the 
solution  has  a  pH  of  4  to  7,  then  add  1  ml  in  excess.  Weigh  out 
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500  mg  (±10  mg)  of  NH4N03  and  dissolve  it  in  the  solution; 
filter  the  solution  if  it  is  not  perfectly  clear.  (Traces  of  Si02  or 
Al(OH)3  from  glass  ware  or  impure  reagents  might  obscure  a 
small  precipitate.)  Add  3  ml  of  0.5  F  Mg(N03)2,  stir  the  solution 
vigorously  with  a  paddle-shaped  stirring  rod  for  1-2  minutes, 
then  let  it  stand  for  5  minutes  (preferably  longer).  {White  crys- 
talline precipitate,  presence  of  arsenic  and/or  phosphorus.) 

Filter  the  mixture.  Wash  the  precipitate  with  1  ml  of  water  to 
which  has  been  added  1  drop  of  6  F  NH4OH  and  50  mg  of  NH4N03. 
Collect  this  wash  water  with  the  filtrate. 

Treat  the  precipitate  by  P.  114.  Discard  the  solution  or  treat 
as  directed  in  Note  1. 

Note 

1.  If  this  solution  is  to  be  analyzed  for  chromium  and  vanadium  (consult 
your  instructor),  proceed  as  follows: 

Transfer  the  solution  to  a  50  ml  flask  and  evaporate  it  to  4-5  ml.  Add  0.5  ml 
of  3  F  Na2C03  and  transfer  the  solution  to  a  15  ml  test  tube.  Treat  this  solu- 
tion by  P.  81,  beginning  with  the  second  paragraph  entitled  "Precipitation  of 
Chromium." 


PROCEDURE    114 

SEPARATION  OF  ARSENIC  AND  PHOSPHORUS 

Discussion.  Arsenic  is  separated  from  phosphorus  by  precipitation 
of  the  arsenic  as  sulfide  from  an  acid  solution.  Thioacetamide  is  used 
as  the  sulfide  precipitant. 

The  elements  of  column  \a  of  the  periodic  table  illustrate  the 
general  shift  from  acidic  toward  basic  properties  as  one  proceeds  down 
a  given  column  (see  Chap.  6,  p.  107).  Thus,  consider  first  the  oxygen 
compounds  of  the  tripositive  state.  Phosphorus  trioxide,  P406,  dissolves 
readily  in  water  to  form  H3P03  of  which  the  first  ionization  constant 
is  5  X  10~2.  Arsenic  trioxide,  As406,  dissolves  in  water  to  only  a  limited 
extent  to  form  H3As03,  and  the  first  ionization  constant  is  only  6  X 
10~10.  Antimony  and  bismuth  trioxides  are  relatively  insoluble  in 
water.  Antimony  trioxide  is  amphoteric  and  is  soluble  in  either  strongly 
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alkaline  or  acidic  solutions;  bismuth  trioxide  is  soluble  in  acids  but  is 
relatively  insoluble  in  strong  bases. 

The  behavior  of  the  sulfides  shows  the  same  shift  from  acidic  toward 
basic  character.  Phosphorus  is  so  predominantly  acidic  in  character 
that  under  no  conditions  can  either  phosphorus  trisulfide  or  the  penta- 
sulfide  be  formed  by  treatment  of  aqueous  solutions  of  phosphorous  or 
phosphoric  acids  with  hydrogen  sulfide.  Both  As2S3  and  As2S5  can  be 
precipitated  by  H2S  from  strongly  acidic  solutions.  However,  both 
sulfides  are  so  acidic  in  character  that  they  dissolve  in  alkaline  sulfide 
solutions  because  of  the  formation  of  sulfo-anions,  such  as  AsS3~  and 
AsS4~.  Both  sulfides  dissolve  in  hydroxide  solutions  with  the  formation 
of  mixed  oxysulfo-anions  of  the  type  AsS3Os,  AsS202~,  AsS20~,  AsS02~, 
etc. 

Both  Sb2S3  and  Sb2S5  can  be  precipitated  from  acid  solutions  and 
both  can  be  dissolved  in  alkaline  sulfide  solutions,  but  both  are  much 
less  soluble  in  such  solutions  than  are  As2S3  and  As2S5.  Bi2S3  can  be 
precipitated  by  H2S  from  aqueous  solutions,  but  is  relatively  insoluble 
in  alkaline  sulfide  solutions;  pentapositive  bismuth  is  a  powerful  oxi- 
dizing agent  and  oxidizes  hydrogen  sulfide  and  sulfide  ion. 

The  precipitation  of  As2S5  by  H2S  from  dilute  acid  solutions  of  H3As04 
is  extremely  slow  and  is  preceded  by  the  formation  of  mixed  sulf o-oxygen 
acids  (such  as  H3As03S) ;  one  can  observe  that  more  H2S  than  is  re- 
quired to  saturate  the  solution  is  absorbed  before  precipitation  takes 
place.  The  precipitation  takes  place  more  rapidly  when  thioacetamide 
is  used  as  the  precipitant;  the  thioacetamide  rapidly  reduces  H3As04 
to  H3As03  and  the  latter  is  rapidly  precipitated  from  acid  solutions 
by  H2S. 

P.  114.     instructions.     Separation  of  Arsenic  from 

Phosphorus 

Dissolve  the  precipitate  from  P.  113  in  4  ml  of  1  F  HC1.  If  the 
analysis  of  the  Amphoteric  Element  Group  has  shown  arsenic  to 
be  absent,  omit  the  remainder  of  this  procedure  and  treat  the 
solution  by  P.  115. 

Add  1.5  ml  of  1  F  thioacetamide,  then  heat  the  solution  to 
80-90°  C  for  2-3  minutes;  do  not  boil  the  solution.  {Yellow  pre- 
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cipitate,  presence  of  arsenic.  Fine  white  precipitate,  absence  of 
arsenic.) 

If  arsenic  is  absent,  treat  the  mixture  by  P.  115. 

If  arsenic  is  present,  shake  the  mixture  vigorously,  and  let  the 
precipitate  settle.  If  the  tube  has  become  thick  with  precipitate 
add  2  ml  of  1  F  HC1.  Filter  the  mixture;  wash  the  precipitate 
with  0.5  ml  of  6  F  HC1,  and  collect  the  wash  water  with  the 
filtrate. 

Treat  the  solution  by  P.  115. 

Treat  the  precipitate  by  P.  63  in  case  the  analysis  for  arsenic 
has  not  been  made  in  the  Amphoteric  Element  Group  (consult 
your  instructor) ;  otherwise  discard  the  precipitate. 


PROCEDURE    115 

PRECIPITATION  OF  PHOSPHORUS  AS 
AMMONIUM  MOLYBDOPHOSPHATE 

Discussion.  Phosphorus  is  precipitated  in  this  procedure  as  the  triam- 
monium  salt  of  a  complex  molybdophosphoric  acid — the  salt  has  been 
assigned  the  formula  (NH^PMo^O^. 

Chromium,  molybdenum,  and  tungsten  are  all  found  in  the  same 
column  of  the  periodic  table,  and  chromic  acid,  H2Cr04,  molybdic 
acid,  H2Mo04,  and  tungstic  acid,  H2W04,  all  exist  in  acid  solutions  in 
a  series  of  complex  polymeric  acids.  In  the  case  of  molybdenum  these 
acids  can  be  considered  as  being  formed  by  the  polymerization  of 
H2M0O4  with  the  loss  of  water,  for  example: 

3H2Mo04  =  H4Mo3On  +  H20 

7H2Mo04  =  H6Mo7024  +  4H20 

The  commercially  available  ammonium  molybdate,  (NH4)6Mo7024- 
4H20,  is  a  salt  of  the  last  acid. 

In  addition,  both  molybdic  acid  and  tungstic  acid  form  mixed  com- 
plex acids,  termed  heteropoly  acids,  with  certain  other  oxygen  acids; 
examples  of  such  acids  are  H3PMoi2O40,  H3AsMoi2O40,  and  H4SiMoi2O40. 
The  ammonium  salt  of  the  molybdophosphoric  acid  is  bright  yellow 
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in  color,  is  extremely  insoluble  in  nitric  acid  solutions,  and  is  exten- 
sively used  for  the  detection  and  estimation  of  phosphorus (V).  The 
precipitate  formula  is  frequently  written  as  (NH4)3P04-  12Mo03,  which 
indicates  that  the  P04  tetrahedron  is  the  central  group;  the  precipitate 
also  contains  both  water  and  nitric  acid.  This  nitric  acid  can  be  re- 
moved by  washing  the  precipitate  with  a  concentrated  solution  of  a 
soluble  alkali  metal  nitrate. 

If  arsenic  had  not  been  removed  in  P.  114  it  would  form  in 
this  procedure  a  similar  yellow  precipitate  having  the  formula 
(NH4)3ASMo1204o. 

The  chloride  and  the  thioacetamide  added  in  P.  114  are  eliminated 
by  evaporation  with  nitric  acid  before  making  the  precipitation.  Mo- 
lybdic  acid  forms  chloro-compounds  such  as  H2Mo03Cl2  and  the  thio- 
acetamide could  cause  precipitation  of  molybdenum  sulfide. 


P.  115.     instructions.     Precipitation  of  Phosphorus  as 

Ammonium  Molybdophosphate 

Removal  of  Chloride  and  Thioacetamide.  Transfer  the  HC1  solu- 
tion from  P.  114  to  a  50  ml  flask  and  evaporate  (under  a  hood) 
to  a  volume  of  0.5-0.7  ml  {Note  1).  Add  2  ml  of  16  F  HN03  and 
again  evaporate  (under  a  hood)  to  0.5-0.7  ml.  Dilute  the  solution 
to  1  ml  with  6  F  HN03.  Transfer  the  solution  by  means  of  a  drop- 
per with  a  capillary  tip  to  a  15  ml  test  tube  (leave  any  globules  of 
sulfur  in  the  flask) .  Rinse  the  walls  of  the  flask  with  1  ml  of  6  F 
HN03,  then  transfer  this  acid  to  the  test  tube. 

Precipitation  of  Phosphorus.  In  a  25  ml  flask,  take  7  ml  of 
1.5  F  (NH4)2Mo04  reagent  and  add  to  it,  rapidly  and  with  im- 
mediate shaking,  3  ml  of  16FHN03  (Note  2).  Add  this  solution 
to  the  test  tube  containing  the  HN03  solution.  Place  the  tube  in 
a  water  bath  at  40-60°  C  for  10  minutes.  (Bright  yellow  precipitate, 
presence  of  phosphorus — Note  3) . 

Note 

1.  If  a  small  white  or  yellow  precipitate  (caused  by  sulfur  from  the  thio- 
acetamide or  by  traces  of  arsenic  not  removed  in  P.  114)  forms  when  this 
solution  is  boiled,  it  should  be  filtered  out  and  discarded. 
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If  phosphorus  is  present  and  an  estimation  is  to  be  made  (con- 
sult your  instructor),  let  the  tube  remain  in  the  water  bath  for 
an  additional  10  minutes.  Treat  the  mixture  by  P.  116. 

Notes 

2.  A  curdy  white  or  pale  yellowish  precipitate  may  form  upon  addition  of 
the  acid;  this  is  molybdie  acid  and  should  dissolve  when  the  solution  is  thor- 
oughly mixed.  Precipitation  of  the  molybdie  acid  is  minimized  by  rapidly 
mixing  the  solution.  If  despite  rapid  shaking  this  precipitate  does  not  re- 
dissolve  completely,  decant  and  proceed  with  the  clear  solution. 

3.  A  white  precipitate  of  molybdie  acid  may  form  if  the  temperature  of 
the  solution  is  above  about  60°  or  if  the  HN03  concentration  is  not  properly 
adjusted.  In  this  case  proceed  as  follows: 

Add  to  the  mixture  15  F  NH4OH  until  the  precipitate  is  dissolved.  While 
vigorously  shaking  the  solution,  rapidly  add  3  ml  of  16  F  HNO3.  Place  the  tube 
in  the  water  bath  at  40-60°,  and  continue  the  analysis. 


PROCEDURE    116 

ESTIMATION  OF  PHOSPHORUS 

Discussion.  The  yellow  ammonium  molybdophosphate  obtained  in 
P.  115  is  exceedingly  insoluble  in  acid  solutions  but  dissolves  upon 
addition  of  hydroxyl  ion  because  of  the  conversion  of  the  complex 
molybdophosphate  to  molybdate  ion,  as  follows: 

(NH4)3PMo12O40(s)  +  230H- 

=  3NH4+  +  HP04=  +  12Mo04=  +  11H20 

This  reaction  occurs  so  rapidly  upon  addition  of  base  that  you  can 
make  a  simple  estimation  of  the  phosphorus  present  by  noting  the 
volume  of  standard  base  required  to  dissolve  the  precipitate.  The 
above  equation  is  valid  only  if  an  excess  of  hydroxyl  ion  is  avoided, 
otherwise  the  NH4+  and  the  HP04=  will  be  converted  to  NH4OH  and 
P04~,  respectively.  Moreover,  the  precipitate  must  be  washed  free  of 
the  acid  solution  from  which  it  was  precipitated.  The  washing  is  done 
repeatedly  with  1  F  NaN03.  The  concentrated  sodium  nitrate  solution 
is  more  effective  than  water  in  displacing  the  HNO?,  probably  because 
the  sodium  ion  can  replace  adsorbed  hydrogen  ion. 
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P.  116.     instructions.     Estimation  of  Phosphorus 

Centrifuge  the  mixture  from  P.  115.  Decant  and  discard  the 
solution  {Note  1).  Add  to  the  precipitate  3  ml  of  1  F  NaN03;  stir 
the  mixture,  and  wash  the  sides  of  the  tube  with  an  additional 
1  ml  portion  of  NaN03  solution.  Again  centrifuge. 

If  the  pH  of  the  solution  is  less  than  5,  decant  the  solution  and 
repeat  the  treatment  with  NaN03.  Continue  the  treatment  with 
NaN03  until  the  pH  of  the  final  wash  solution  is  5  or  greater.  Do 
not  remove  the  final  wash  solution. 

Place  the  test  tube  containing  the  precipitate  in  a  water  bath 
at  40-60°  C.  Add  6  F  NaOH  drop  wise,  counting  and  recording 
the  drops,  until  the  yellow  precipitate  is  nearly  dissolved;  stir 
the  mixture  after  each  drop  for  as  long  as  the  precipitate  appears 
to  be  dissolving. 

Add  1  drop  of  phenolphthalein  indicator  and  again  add  the 
NaOH  dropwise  until  a  pink  color  is  obtained  which  is  permanent 
when  the  solution  is  stirred.  Then  add  6  F  HN03  dropwise  until 
the  pink  color  just  disappears.  (The  number  of  drops  of  HN03 
added  should  then  be  subtracted  from  the  number  of  drops  of 
6  F  NaOH  added.)  From  the  net  number  of  drops  of  6  F  NaOH 
required,  calculate  the  milligrams  of  phosphorus  present  in  the 
orginal  sample.  (See  the  Discussion.) 

Note 

1.  A  film  of  yellow  precipitate  may  remain  on  the  top  of  the  solution. 
This  film  is  usually  so  small  in  comparison  to  the  total  precipitate  that  it 
can  be  discarded. 
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Tabular  Outline  19 


Analysis  for  Sulfur  and  Fluorine 


(See  Tabular  Outline  16  for  the  Separation  of  Sulfur  and  Fluorine) 


Solution  from  P.  Ill:  S04=,  HFr  (Ag+,  NOr,  CHsCOO",  CH3COOH). 
P.  121.  Add  HN03  and  IICl 


Solution:  HSOr,  HF2~ 

(H+  CH3COOH,  NO3-,  C1-) 

Add  Ba(NOs)2 


Precipitate:  AgCl 
Discard 


Precipitate:  BaSO,  Solution:  HFr  (H+,  NO3-,  Ba++,  CH3COOH) 


P.  122.  Neutralize  with  Na2C03 
Add  ClhCOOH  and  Ca(N03)2 


Precipitate:  CaF2 

P.  123.  Dissolve  in  II\03 
(Ca++,  HF2") 

Add  KSCN.     Titrate  with  Fe(N03)3 

(FeF++  colorless;  with  excess  Fe(NOi)»,  FeSCN++,  red) 


Solution:  Discard 


Analysis  for  Sulfur  and  Fluorine  {S,  F) 

P.  121-123 


PROCEDURE    121 

PRECIPITATION  OF  SULFUR  AS  BARIUM 
SULFATE 

Discussion.  Sulfur  is  precipitated  as  barium  sulfate.  The  formation 
of  a  white  precipitate  upon  addition  of  barium  ion  to  a  solution  con- 
taining an  excess  of  a  strong  acid  is  good  evidence  of  the  presence  of 
sulfate  (if  selenate  is  known  to  be  absent).  The  barium  salts  of  many 
weak  acids  (such  as  phosphoric,  chromic,  and  carbonic)  are  insoluble 
in  neutral  solutions  but  dissolve  upon  addition  of  a  strong  acid. 

The  Elements  of  Column  Via  of  the  Periodic  Table 

Sulfur  is  the  only  element  of  column  Via  of  the  periodic  table  which 
Is  specifically  provided  for  in  this  system  of  analysis.  Selenium  and 
tellurium  are  much  less  commonly  found  in  nature  than  is  sulfur  and 
neither  has  achieved  great  industrial  importance. 

One  would  expect  from  their  periodic  relationship  that  the  oxygen 
acids  of  sulfur  and  selenium  would  be  similar  in  their  properties,  and 
such  is  the  case.  The  first  proton  of  H2Se04,  like  that  of  H2S04,  can 
be  considered  to  be  completely  ionized  in  dilute  aqueous  solutions; 
KAl  for  H2Se04  is  1.15  X  10~2,  which  is  almost  identical  with  KAi  for 
H2S04.  Barium  selenate,  while  more  soluble  than  barium  sulfate,  can  be 
quantitatively  precipitated  by  an  excess  of  barium  ion  from  acid 
solutions. 

The  difference  between  the  oxygen  compounds  of  selenium  and 
tellurium  is  greater  than  this  difference  between  selenium  and  sulfur. 
Te(VI),  like  Sb(V),  tends  to  assume  a  coordination  number  of  six, 
and  telluric  acid  has  the  formula  H6Te06;  measurements  indicate  that 
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FLOW  SHEET  15 


Procedure  Sequence  for  the  Analysis 
for  Sulfur  and  Fluorine 


P.  121.  Precipitation  and  Es- 
timation of  Sulfur.  Add  HN03 

and  Ba{N0i)2  to  solution  from 
P.  Ill 


1. 

(Solution) 

I 


P.  122.  Precipitation  of  Flu- 
orine. Neutralize  irith  NazCOs 

Add  CmCOOH  and  Ca(N03h 


(Precipitate) 


Discard 


(Precipitate) 


I. 

(Solution) 

I 

Discard 


P.  123.  Estimation    of    Fluo- 
rine. Dissolve  in  HN03 

Add  KSCN 

Titrate  with  Fe(N03)3 
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the  first  and  second  ionization  constants  are  only  7  X  10-7  and  4  X 
10-11,  respectively. 

The  hydrogen  compounds  of  these  three  elements,  H2S,  H2Se,  and 
H2Te,  are  similar  in  properties.  All  are  unpleasant-smelling  gases  which 
dissolve  in  water  to  give  acidic  solutions.  H2Se  and  H2Te  precipitate 
insoluble  metal  selenides  and  tellurides. 

Before  testing  for  sulfur,  the  excess  silver  (from  P.  Ill)  is  removed 
as  silver  chloride.  Otherwise,  traces  of  chloride  or  sulfide,  present  in 
reagents  or  absorbed  as  H2S  or  HO,  may  cause  turbidities  which 
obscure  small  precipitates  of  BaS04  in  this  procedure  and  of  CaF2 
in  P.  122. 

P.   121.     instructions.     Precipitation  and  Estimation  of 

Sulfur  as  Barium  Sulfate 

Removal  of  Silver.  To  the  solution  from  P.  Ill  add  2  ml  of 
6  F  HN03.  Heat  the  solution  almost  to  boiling  and  add  6  F  HC1, 
1  drop  at  a  time  and  vigorously  swirling  after  each  drop,  until 
no  more  precipitation  is  observed.  Evaporate  the  mixture  to  7-8 
ml.  Filter  and  discard  the  precipitate. 

Detection  of  Sulfur.  Add  2  ml  of  0.25  F  Ba(N03)2,  shake  the 
solution  vigorously,  and  let  it  stand  for  2-5  minutes.  (White 
crystalline  precipitate,  presence  of  sulfur.) 

If  a  large  precipitate  forms,  add  another  2  ml  of  Ba(N03)2  and 
again  let  the  mixture  stand  for  2-5  minutes. 

Estimation.  From  the  size  of  the  barium  sulfate  precipitate, 
make  an  approximate  estimate  of  the  milligrams  of  sulfur  present. 
In  a  test  tube  labeled  "known,"  take  that  volume  of  the  sulfur 
known  solution  which  contains  this  estimated  quantity  of  sulfur. 

Add  1  ml  of  6  F  HN03,  5  ml  of  water,  and  the  same  volume  of 
Ba(N03)2  as  was  added  above.  Adjust  the  volume  to  that  in  the 
unknown  tube  and  centrifuge  the  two  mixtures.  From  the  relative 
sizes  of  the  precipitates  estimate  the  milligrams  of  sulfur  in  the 
sample  or  solution  being  analyzed. 

Filter  out  and  discard  the  BaS04  precipitate  from  the  solution 
being  analyzed.  Transfer  the  filtrate  to  a  25  ml  flask  and  treat  it 
by  P.  122.  Discard  the  comparison  mixture. 
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PROCEDURE    122 

PRECIPITATION  OF  FLUORINE  AS 
CALCIUM  FLUORIDE 

Discussion.     Fluorine  is  precipitated  as  calcium  fluoride;  the  other 
calcium  halides  are  extremely  soluble  in  water. 

The  properties  of  fluorine  and  fluoride  ion  differ  markedly  from 
those  of  the  other  halogens,  and  fluorine  is  not  precipitated  with  the 
Halogen  Group  of  this  system.  In  general,  a  similar  difference  is  found 
between  the  properties  of  the  elements  of  the  first  row  of  the  periodic 
table  and  the  lower  elements  of  the  same  column.  To  a  considerable 
extent  this  difference  can  be  attributed  to  the  smaller  size  of  the  ions  of 
the  first  row  elements.  This  may  be  illustrated  as  follows:  the  ionic 
radius  of  the  fluoride  ion  is  1.36  A.  The  other  halides  are  larger,  their 
radii  being:  Cl~,  1.81  A;  Br",  1.95  A;  I~,  2.16  A.  The  change  from  F~  to 
CI"  is  0.45  A,  or  33%,  while  that  from  CI-  to  Br~  is  only  0.14  A,  or  8%, 
a  much  smaller  absolute  and  relative  change.  Thus  we  would  expect  Cl_ 
to  behave  much  more  like  Br-  than  like  F-  in  any  situation  which  is 
affected  by  ionic  size  or  by  charge  density.  Since  these  factors  enter  into 
almost  all  phases  of  chemical  behavior,  especially  the  solubility  of  salts 
and  the  complex-forming  properties  of  ions,  we  observe  that  there  is 
generally  a  marked  difference  between  Cl~  and  F_,  but  a  much  smaller 
difference  between  Cl_  and  Br-,  in  their  chemical  properties. 


P.  122.     instructions.     Precipitation  of  Fluorine  as 

Calcium  Fluoride 

To  the  solution  from  P.  121  add  1.5  F  Na2C03,  drop  wise  and 
swirling  after  each  drop,  until  the  first  permanent  white  precipi- 
tate is  obtained.  Similarly  add  6  F  CH3COOH  until  the  precipitate 
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is  dissolved  or  the  pH  of  the  solution  is  between  5  and  7  (Note  1). 

Add  3  ml  of  0.5  F  Ca(N03)2,  warm  the  solution,  and  let  it 
stand  for  at  least  10-15  minutes.  (White  precipitate,  presence 
of  fluorine.) 

Centrifuge  the  mixture  (if  necessary  divide  the  mixture  equally 
between  two  tubes).  Wash  the  precipitate  with  1  ml  of  water. 
Discard  the  solution.  Treat  the  precipitate  at  once  by  P.  123. 

Note 

1.  The  acid  solution  can  be  neutralized  rapidly  with  the  Na2C03  by  noting 
the  appearance  of  a  permanent  precipitate  of  BaCC^;  barium  nitrate  was 
added  in  P.  121.  BaF2  may  precipitate  also  if  fluorine  is  present  in  large 
quantity.  Upon  addition  of  the  CH3COOH,  the  BaCC>3  dissolves  rapidly;  any 
BaF2  dissolves  more  slowly.  For  this  reason,  if  part  of  the  precipitate  dissolves 
slowly,  the  pH.  should  be  checked  and  adjusted  to  between  5  and  7  with 
6  F  NH4OH  and  CH3COOH  as  needed. 


PROCEDURE   123 

CONFIRMATORY  TEST  FOR  AND 
ESTIMATION  OF  FLUORINE 

Discussion.  This  confirmatory  test  and  estimation  depends  upon  the 
fact  that  the  complex  ion  FeF++  is  colorless  and  is  more  stable  than 
is  FeSCN++,  which  is  red. 

Therefore,  by  adding  SCN~  to  the  solution  to  be  tested  for  fluoride, 
and  then  adding  a  very  small  quantity  of  ferric  iron,  a  red  color  is 
obtained  immediately  in  the  absence  of  fluoride.  If  fluoride  is  present, 
the  solution  remains  essentially  colorless  until  a  quantity  of  ferric  iron 
equivalent  to  the  fluoride  present  has  been  added. 


P.  123.     instructions.     Confirmatory  Test  for  and 

Estimation  of  Fluorine 

Confirmatory  Test.  To  the  precipitate  from  P.  122  add  1  ml  of 
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6  F  HN03  and  thoroughly  mix  the  precipitate  with  the  acid  by- 
means  of  a  stirring  rod.  Warm  the  mixture  to  60-80°  (do  not  boil) 
for  as  long  as  the  precipitate  appears  to  be  dissolving.  Finally, 
centrifuge  or  filter  out  any  suspended  residue  {Note  1).  Wash  the 
residue  with  1  ml  of  water;  add  this  water  to  the  solution.  Discard 
the  residue. 

Add  6  F  NH4OH  dropwise  until  any  local  precipitate  just  fails 
to  dissolve  on  shaking  the  mixture,  or  until  the  pH  is  2-3.  Add 
just  3  drops  of  6  F  HN03  and  if  necessary  warm  the  solution  until 
any  precipitate  is  dissolved.  Centrifuge  if  there  is  a  slight  turbidity. 

Cool  the  solution  to  room  temperature  and  dilute  it  to  5  ml.  In 
a  similar  test  tube  take  3  drops  of  6  F  HX03  and  5  ml  of  water. 
Add  to  each  test  tube  1  drop  of  0.2  F  KSCN  (prepared  from 
1  F  KSCN) .  Add  to  each  test  tube  1  drop  of  a  solution  prepared 
by  adding  9  drops  of  water  to  1  drop  of  iron  known  solution. 
Immediately  compare  the  color  of  the  solutions. 

(Fluorine  is  present  if  there  is  no  color  or  less  color,  in  the  tube 
containing  the  solution  of  the  calcium  fluoride  precipitate.) 

Estimation.  If  there  is  no  color  in  the  tube  containing  the  HN03 
solution  of  the  calcium  fluoride,  add  iron  known  solution  (not  the 
dilute  iron  solution  prepared  above)  dropwise  until  the  pink  color 
becomes  as  intense  as  that  in  the  comparison  tube. 

From  the  volume  of  iron  known  solution  added  calculate  the 
milligrams  of  fluorine  in  the  sample  or  solution  being  analyzed. 

Note 

1.  In  case  silver  ion  has  not  been  removed  completely  in  P.  122,  a  precip- 
itate of  AgCl  may  remain  at  this  point. 
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Tabular  Outline  20 


Analysis  for  Nitrogen  and 
Carbonate  Carbon 


Analysis  for  Nitrogen 

P.  131.  Detection  of  Trinegative  Nitrogen 
Weigh  25  mg  sample 

Boil  with  NaOII     (Gas  phase:  NH3)     Pass  vapor  over  red  litmus  paper 
(Blue  color  indicates  NH3) 

P.  132.  Estimation  of  Trinegative  Nitrogen 

Distill  NaOH  solution  (from  P.  131).  Collect  NH3  in  HCl 


Distillate:  NH4+ 
Add  NaOH 
Dilute  to  10  77?/ 

To  1  ml  add  K2Hgh  and  NaOH 
Orange  color  or  precipitate:  HgNH2l3 


Residual  solution:  (NaOH,  NOj",  NOr) 
P.  133.  Detection  and  Estimation  of  Pos- 
itive Nitrogen 

Add  Al  (foil  or  alloy) 

Boil.  (Gas :  NH3    Solution :  Al  (OH)4-) 

Pass  vapor  over  red  litmus 

(Blue  color :  NH3  from  positive  nitrogen) 

Estimation:  Treat  by  P.  132 


Analysis  for  Carbonate  Carbon 

P.  134.  Detection  and  Estimation  of  Carbonate  Carbon 
Weigh  100  mg  sample.  Treat  with  H2S0i 
Gas:C02 
Pass  gas  through  Ba(0H)2 


Precipitate:  BaC03 

Centrifuge  and  compare  with  known  BaCOz 

precipitate.  Add  HCl 

Gas:  C02 


Residual  solution:  Discard 


Analysis  for  Nitrogen  and  Carbon  [N,  C) 

P.  131-134 


Discussion.  Separate  samples  must  be  used  for  the  analysis  for 
nitrogen  and  carbon  because  these  elements  have  been  introduced  into 
the  analysis  in  the  sodium  nitrate  and  sodium  carbonate  used  in  the 
fusion  mixture. 

Nitrogen  is  the  only  element  for  which  provision  is  made  for  the 
detection  and  estimation  of  different  oxidation  states.  This  provision 
is  made,  first,  because  of  the  importance  and  common  occurrence  of 
compounds  in  which  the  nitrogen  has  a  positive  oxidation  state,  of 
others  in  which  it  has  a  negative  oxidation  state,  and  of  still  others, 
such  as  ammonium  nitrate,  in  which  both  states  occur.  Second,  the 
provision  for  the  separate  analysis  for  trinegative  nitrogen  can  be  made 
relatively  easily  and  as  a  preliminary  step  in  the  analysis  for  positive 
nitrogen. 

Nitrogen  is  somewhat  unusual  in  its  compounds  since  negative 
nitrogen  is  encountered  most  frequently  in  the  trinegative  state  as  a 
cation,  NH4+,  and  positive  nitrogen  is  found  most  frequently  as  the 
anions  N03~  and  N02~.  In  many  qualitative  systems  the  analysis  for 
ammonium  ion  is  included  with  that  for  the  alkali  metals  because  the 
solubilities  of  ammonium  and  potassium  salts  are  quite  similar. 

Trinegative  nitrogen  will  be  found  less  commonly  as  ammonia  in 
complex  salts,  such  as  Ni(NH3)6l2  which  is  a  relatively  insoluble  com- 
pound, and  in  ammoniated  salts,  such  as  CaCl2-2NH3,  where  the 
ammonia  is  similar  to  water  of  hydration.  Trinegative  nitrogen  also 
exists  as  amides  (such  as  sodium  amide,  NaNH2),  as  imides  (Na2HN), 
and  nitrides  (Na3N) .  These  compounds  can  be  considered  as  derivatives 
of  ammonia  and  all  evolve  NH3  upon  treatment  with  alkaline  aqueous 
solutions. 

Oxides  and  Oxygen  Acids  of  Nitrogen  and  Carbon 

As  was  stated  in  Chapter  6,  the  typically  metallic  elements  of 
columns  la  and  Ila  form  oxides  which  are  basic  in  nature;  the  typically 
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nonmetallic  elements  of  columns  Via  and  Vila  are  acidic  in  nature. 
The  elements  toward  the  center  of  the  table  tend  to  form  oxides 
which  are  inert  or  amphoteric  in  nature.  It  was  also  stated  that  the 
oxides  of  a  given  element  become  more  acidic  as  the  oxidation  state 
becomes  higher.  The  oxides  of  carbon  and  nitrogen  illustrate  these 
statements. 

Carbon  monoxide,  CO,  is  a  gas  and  is  relatively  insoluble  and  inert 
in  water.  Carbon  monoxide  can  be  considered  to  be  the  anhydride  of 
formic  acid,  although  the  hydration  reaction  does  not  take  place  under 
ordinary  conditions  to  any  significant  extent.  Carbon  dioxide  also  is  a 
gas,  but  it  is  more  soluble  in  water  and  is  the  anhydride  of  carbonic 
acid.  However,  there  is  evidence  that  in  aqueous  solutions  only  a  small 
fraction  of  the  C02  is  hydrated.  This  means  that  the  carbonic  acid, 
H2CO3,  in  a  solution  is  more  highly  ionized  than  is  indicated  by  the 
value  usually  given  for  the  first  ionization  constant;  as  was  explained 
on  p.  82,  the  ionization  expression  is  more  accurately  written  as 

[H+][HCQ3-]  q'vin-v 

[CO,]  +  [H2C03]  " 

Nitrous  oxide,  N20,  is  a  gas  which  is  relatively  insoluble  and  inert 
in  water;  it  does  not  hydrate  to  form  an  acid.  Nitric  oxide,  NO,  is 
slightly  more  soluble  in  water  than  is  N20,  but,  like  N20,  it  does  not 
hydrate  to  form  an  acid. 

Dinitrogen  trioxide,  N203 — which  in  aqueous  solution  is  in  equilib- 
rium with  NO  and  N02 — is  the  first  of  the  nitrogen  oxides  which  can 
be  considered  to  be  an  acidic  oxide.  It  is  the  anhydride  of  nitrous  acid, 
HN02.  Dinitrogen  pentoxide,  N205,  is  the  anhydride  of  nitric  acid, 
HNO3.  As  would  be  expected  from  the  discussion  in  Chapter  6  of  the 
effect  of  oxidation  state  on  the  properties  of  oxides,  nitrous  acid 
(KA  —  4  X  10-4)  is  a  much  weaker  acid  than  is  nitric  acid;  the  latter 
is  essentially  completely  ionized  in  aqueous  solutions. 


PROCEDURE    131 

DETECTION  OF  TRINEGATIVE  NITROGEN 

Discussion.     The  first  step  used  in  this  procedure  is  an  example  of  a 
a  gas-liquid  phase  separation  and  has  been  discussed  briefly  in  Chapter 
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5,  p.  79,  under  Gas-Liquid  Phase  Separations.  This  step  is  based 
upon  the  following  facts:  First,  ammonium  hydroxide  is  a  weak  base 
and  ammonium  salts  are  converted  into  ammonium  hydroxide  by 
strong  bases.  Second,  ammonium  hydroxide  exists  in  aqueous  solutions 
in  equilibrium  with  ammonia.  (See  the  discussion  of  this  equilibrium  on 
p.  93.)  Third,  ammonia  is  volatile  and  is  easily  removed  from  aque- 
ous solutions  by  boiling.  As  the  solution  is  boiled,  the  steam  bubbles 
provide  a  gas  phase  into  which  the  ammonia  passes  in  an  attempt  to 
maintain  an  equilibrium  between  the  gas  and  liquid  phases. 

Ammonia  can  be  sensitively  detected  in  the  gas  phase  above  a 
boiling  solution  by  its  odor  or  by  its  effect  on  certain  pH.  papers. 
Litmus  paper  is  used  in  the  procedure  below.  The  red  acid  form  of  the 
azolitmin  is  converted  to  the  blue  basic  form  when  the  gas  is  absorbed 
on  the  moist  paper. 

P.  131.     instructions.     Detection  and  Estimation  of 

Trinegative  Nitrogen 

Preparation  of  Equipment.  Review  the  sections  on  cutting,  fire 
polishing,  and  bending  glass  tubing  (pp.  126  and  134)  and  the  di- 
rections for  forcing  glass  tubing  through  stoppers  (p.  136). 

Clamp  a  clean  22  X  175  mm  test  tube  (the  tube  used  for  the 
suction  filtration  apparatus  can  be  used)  into  an  inclined  position 
as  shown  in  Fig.  34.  Obtain  a  No.  3  two-hole  rubber  stopper.  (The 
two-hole  stopper  with  the  glass  tube  in  one  hole,  used  for  suction 
filtration,  can  be  used  by  removing  the  bulb  and  the  funnel.) 

Cut  a  30  cm  length  of  5  mm  OD  glass  tubing  and  fire  polish 
the  ends ;  continue  to  heat  one  end  until  the  opening  is  reduced  to  \ 
the  original  size.  Bend  this  tubing  to  form  the  safety  tube  shown 
in  Fig.  34;  the  constricted  opening  is  at  the  lower  end. 

If  the  stopper  is  not  already  fitted  with  the  short  glass  tubing,  as 
shown  in  Fig.  34,  cut  an  8-10  cm  piece  of  5  mm  OD  tubing,  fire 
polish  the  ends,  and  bend  it  to  form  the  outlet  tube  shown  in 
Fig.  34.  Insert  this  tubing  in  the  second  hole  of  the  stopper.  At- 
tach a  2  cm  length  of  rubber  tubing  to  the  outlet  tube;  close  the 
outer  end  with  a  clamp  or  short  length  of  glass  rod. 

Bore  a  hole  in  a  No.  5  or  6  cork  stopper  so  that  it  can  be  slipped 
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•.•/fill    Cork   wit-h    li'fcmu.s    paper* 
■        -— <         Jn    slits 


OJ35S    rod 


Figure  34.     Apparatus  for  the  detection  and  isolation  of  nitrogen  and  carbon. 
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easily  on  the  outlet  tube.  By  means  of  a  sharp  knife,  cut,  on  the 
bottom  of  the  cork,  parallel  slits  |  to  \  the  length  of  the  cork  on 
each  side  of  the  hole.  Open  one  of  the  slits  sufficiently  to  insert  one 
end  of  a  piece  of  red  litmus  paper;  bend  the  paper  into  a  loop  and 
similarly  insert  the  opposite  end  into  the  second  slit  (see  Fig.  34). 

Add  to  the  test  tube  1  ml  of  6  F  NaOH  and  4  ml  of  water.  Insert 
in  the  test  tube  the  rubber  stopper  with  the  safety  and  outlet 
tubes;  adjust  the  safety  tube  in  the  stopper  so  that  the  lower  end 
is  about  1  cm  above  the  level  of  the  solution.  Fit  the  cork  with  the 
attached  litmus  paper  over  the  upper  end  of  the  safety  tube;  the 
tube  should  extend  only  2-3  mm  above  the  cork.  Use  a  2-3  cm 
flame  and  boil  the  NaOH  solution  for  20-30  seconds  (to  remove 
any  ammonia  present  as  a  contaminant).  Direct  the  flame  under 
the  forward  part  of  the  solution  and  rock  the  solution  by  means  of 
the  support  rod  (otherwise  violent  bumping  may  result).  If  the 
paper  turns  blue,  boil  for  an  additional  30  seconds.  Cool  the  solu- 
tion in  the  tube  by  raising  a  beaker  of  cold  water  around  it.  Turn 
the  test  tube  to  a  vertical  position.  If  the  litmus  paper  has  turned 
blue,  replace  it  with  a  new  strip. 

Detection  of  Trinegative  Nitrogen.  Weigh  out  25  (±  3)  mg  of  the 
dry  sample  on  a  small  piece  of  smooth  paper.  Remove  the  stopper 
from  the  test  tube,  fold  and  tilt  the  paper,  holding  the  sample  so 
that  as  much  as  possible  of  the  material  falls  directly  into  the 
solution  at  the  bottom  of  the  tube.  Quickly  wash  down  the  walls 
of  the  tube  with  1  ml  of  water,  then  replace  the  stopper  and  incline 
the  tube  as  before. 

Again  heat  the  mixture  to  boiling  for  30  seconds — watch  the 
strip  of  paper  during  this  period,  and  if  the  litmus  turns  blue,  im- 
mediately remove  the  flame  and  cool  the  bottom  of  the  tube  with 
cold  water.  (Red  litmus  turning  blue,  presence  of  trinegative  nitro- 
gen.) 

In  case  trinegative  nitrogen  is  present,  proceed  as  directed  in 
P.  132. 

In  case  trinegative  nitrogen  is  absent,  proceed  as  directed  in 
P.  133. 
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PROCEDURE    132 


CONFIRMATORY  TEST  FOR  AND 
ESTIMATION  OF  TRINEGATIVE  NITROGEN 

Discussion.  A  confirmatory  test  for  ammonia  is  made  by  taking 
advantage  of  the  intense  orange  color  or  colored  precipitate  which  it 
produces  in  alkaline  solutions  containing  the  tetraiodomercurate  ion, 
Hgl4=.  This  orange  compound,  which  has  the  formula  Hg2NH2l3, 
results  from  the  tendency  of  mercury (II)  to  form  compounds  with 
ammonia  in  which  one  or  two  of  the  hydrogens  are  replaced.  Thus 
the  compound  HgXH2Cl  is  formed  by  the  reaction  of  ammonia  and 
HgCl2;  it  is  so  stable  that  the  following  auto-oxidation  and  reduction 
reaction  takes  place  when  a  precipitate  of  Hg2Cl2  is  treated  with 
ammonia: 

Hg2Cl2<»  +  2NH3  =  HgXH,Cl  +  Hg(Z)  +  NH4+  +  Cl~ 

This  reaction  is  used  frequently  to  identify  Hg(I);  white  precipitates 
of  Hg2Cl2  turn  black  when  treated  with  ammonia  because  of  the 
finely  divided  mercury. 

The  yellow  to  orange  color  which  very  small  quantities  of  ammonia 
produce  upon  addition  of  an  alkaline  tetraiodomercurate  solution 
(known  as  Nesslers  reagent)  is  the  basis  for  a  classical  method  for  the 
quantitative  colorimetric  determination  of  ammonia  and  this  color  is 
employed  in  the  procedure  below.  This  color  is  a  colloidal  suspension 
of  the  Hg2NH2I3,  and  when  larger  quantities  of  ammonia  are  present 
this  suspension  coagulates  and  a  precipitate  is  produced;  the  size  of 
this  precipitate  cannot  be  used  to  make  an  estimate  of  the  quantity  of 
ammonia  present,  because  the  coagulation  takes  place  slowly  and  the 
physical  characteristics  of  the  precipitate  vary  with  time. 

Under  the  conditions  of  the  procedure  below,  more  than  about  0.3 
mg  of  nitrogen  causes  the  colloidal  suspension  to  coagulate.  For  this 
reason  the  ammonia  distillate  is  diluted  to  a  definite  volume  and  only 
one  tenth  of  this  volume  is  used.  If  a  precipitate,  rather  than  a  clear 
orange  color,  is  produced,  the  solution  is  diluted  even  more. 
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P.  132.     instructions.     Confirmatory  Test  for  and 

Estimation  of  Trinegative 
Nitrogen 

Confirmatory  Test.  In  case  trinegative  nitrogen  has  been  found 
present  in  P.  131,  remove  the  cork  with  the  litmus  paper  from 
the  safety  tube.  Carefully  lower  the  safety  tube  into  the  solution 
until  the  constricted  end  is  1-2  mm  from  the  bottom  of  the  test 
tube.  Remove  the  clamp  or  glass  rod  from  the  rubber  tubing  on 
the  outlet  tube.  Fire  polish  and  bend  a  20-25  cm  length  of  5  mm 
OD  glass  tubing,  as  shown  in  Fig.  34,  to  serve  as  a  delivery  tube. 

Add  2  ml  of  water  and  0.5  ml  of  QF  HC1  to  a  25  ml  flask. 
Support  the  flask  in  a  beaker  of  water  as  shown  in  Fig.  34.  The 
end  of  the  delivery  tube  should  extend  only  slightly  below  the  water 
in  order  to  minimize  back  pressure. 

Heat  the  NaOH  solution  (as  directed  in  P.  131)  and  boil  it 
until  about  \  of  the  solution  has  distilled.  (Heat  the  solution 
uniformly  and  continuously  in  order  to  prevent  bumping.) 

Remove  the  flask  and  pour  the  solution  into  a  10  ml  graduate. 
Add  water  until  the  volume  is  10  ml,  then  thoroughly  mix  the 
solution. 

Transfer  1.0  ml  of  the  solution  to  a  15  ml  test  tube.  Add  4  ml 
of  water  and  1  ml  of  6  F  NaOH,  then  mix  the  solution.  Add  1  ml 
of  0.25  F  K2HgI4  reagent  and  again  mix  the  solution.  {Orange 
color  or  orange  'precipitate,  presence  of  trinegative  nitrogen.) 

If  only  an  orange  color  has  been  obtained,  proceed  as  directed 
in  the  Estimation  below. 

If  both  an  orange  color  in  the  solution  and  a  precipitate  have 
been  obtained,  take  1  ml  of  the  ammonia  distillate,  dilute  it  to  10  ml 
in  a  graduate,  and  mix  the  solution.  Transfer  1.0  ml  to  a  15  ml 
test  tube,  add  4  ml  of  water,  and  then  the  NaOH,  and  the  K2HgTi 
as  directed  above.  Proceed  as  directed  below. 

Estimation.  Dilute  1.0  ml  of  N(  — III)  test  solution  to  10  ml; 
mix  thoroughly.  Take  three  15  ml  test  tubes  and  add  to  them  0.1, 
0.2,  and  0.3  ml  of  the  diluted  solution.  Mix  thoroughly,  then  add 
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NaOH  and  K2HgI4  as  above.  Compare  the  intensity  of  the  color 
of  the  unknown  sample  with  those  of  the  known  solutions.  From 
this  comparison  make  an  approximate  estimate  of  the  milligrams 
of  nitrogen  in  the  original  25  mg  sample.  Use  appropriate  dilution 
factors. 


PROCEDURE    133 

DETECTION  AND  ESTIMATION  OF 
POSITIVE  NITROGEN 

Discussion.  Nitrogen  in  a  positive  oxidation  state  will  be  found  most 
frequently  as  either  nitrate  or  nitrite.  The  method  used  here  for  the 
detection  and  estimation  of  positive  nitrogen  involves,  first,  removing 
trinegative  nitrogen  (by  P.  131),  and  then  reducing  positive  nitrogen 
compounds  to  ammonia  by  means  of  aluminum  or  other  active  metal 
in  an  alkaline  solution.  The  ammonia  thus  formed  is  detected  and 
estimated  as  was  done  in  P.  131  and  P.  132 

Certain  metals,  such  as  aluminum  and  zinc,  are  especially  effective 
reducing  agents  in  alkaline  solutions  because  their  cation  concentra- 
tion, the  oxidation  product,  is  kept  at  an  exceedingly  low  value  by  the 
formation  of  hydroxyl  complex  ions.  This  effect  is  shown  by  a  compari- 
son of  the  following  half-cell  potential  values  for  aluminum  and  zinc. 

Al(s)  +  40H-  =  Al(OH)4-  +  Se-  E0  =  2.35  v 
A10)  =  A1+++  +  3e~  1.67 

Zn(s)  +  40H-  =  Zn(OH)r  +  2e"  1.22 

Zn(s)  =  Zn++  +  2e~  0.76 

The  reactions  involved  when  aluminum  is  used  to  reduce  nitrate  and 
nitrite  in  alkaline  solutions  are  as  follows: 

8A10)  +  3N03-  +  50H-  +  18H20  =  8A1(0H)4"  +  3NH3 
2A1(»)  +  N02-  +  OH"  +  5H20  =  2A1(0H)4-  +  NH3 

2A10)  +  6H20  +  20H"  =  2A1(0H)4-  +  3H2(gr) 
There  is  evidence  that  the  reduction  of  nitrate  and  nitrite  in  alkaline 
solutions  proceeds  in  steps,  and  intermediate  products  such  as  hypo- 
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nitrite  (N202=)  and  hydroxyl  amine  (NH2OH)  have  been  observed 
under  various  conditions.  Zinc  metal  can  be  used  to  reduce  nitrate  and 
nitrite  but  does  not  react  as  rapidly  as  does  pure  aluminum. 

Instead  of  aluminum  or  zinc  metal  an  alloy  known  as  Devarda's 
alloy  (Al,  45%,  Cu,  50%,  and  Zn,  5%)  is  recommended  for  use  in 
the  procedure  below.  This  alloy  reduces  nitrate  and  nitrite  as  rapidly 
as  does  aluminum  but  does  not  evolve  as  much  hydrogen. 


P.  133.     instructions.     Detection  and  Estimation  of 

Positive  Nitrogen 

Detection.  In  case  the  analysis  for  trinegative  nitrogen  has  been 
made  by  P.  131  and  P.  132,  remove  the  lower  part  of  the  outlet 
tube  and  again  close  the  rubber  tube  with  a  clamp  or  short  glass 
rod.  Proceed  with  the  residual  solution  from  P.  131  as  directed 
in  the  second  paragraph  below. 

In  case  P.  131  and  P.  132  have  not  been  done,  carry  out  the 
procedure  for  the  detection  of  trinegative  nitrogen  (P.  131).  If 
the  test  for  ammonia  is  negative,  proceed  as  directed  below.  If 
the  test  is  positive,  remove  the  cork  with  the  litmus  paper  and 
boil  the  solution  until  2-3  ml  have  been  evaporated.  Proceed  as 
directed  below. 

Weigh  out  1  gram  of  Devarda's  alloy,  20-niesh  or  finer  particles 
(in  case  the  alloy  is  not  available,  use  2  g  of  clean  aluminum 
turnings).  Cool  the  residual  NaOH  solution,  remove  the  stopper 
from  the  test  tube,  and  drop  the  metal  into  the  tube.  Use  3  ml 
of  water  to  wash  down  the  alloy,  then  quickly  replace  the  stopper. 
Replace  the  cork  with  the  litmus  paper  on  the  safety  tube. 

Heat  the  mixture  to  boiling  for  30  seconds.  Watch  the  litmus 
paper;  if  the  paper  begins  to  turn  uniformly  blue  (do  not  be 
confused  by  blue  spots  resulting  from  the  alkaline  spray)  im- 
mediately remove  the  flame  and  cool  the  flask.  (Red  litmus  turning 
uniformly  blue,  presence  of  positive  nitrogen.) 

Estimation.  In  case  positive  nitrogen  is  present,  proceed  as 
directed  in  P.  132  for  the  Estimation  of  Trinegative  Nitrogen — 
distill  over  5  ml  of  water  instead  of  2-3  ml  as  directed  there. 
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From  the  color  comparison,  estimate  approximately  the  milli- 
grams of  positive  nitrogen  present  in  the  sample. 


PROCEDURE    134 

DETECTION  AND  ESTIMATION  OF 
CARBONATE  CARBON 

Discussion.  This  procedure  provides  only  for  the  detection  and  es- 
timation of  carbon  present  as  carbonate;  as  stated  earlier,  the  methods 
required  for  the  detection  and  estimation  of  carbon  in  organic  com- 
pounds are  beyond  the  scope  of  this  text. 

This  procedure  is  based  upon  the  fact  that,  upon  treatment  with  a 
strong  acid,  all  carbonates  are  dissolved,  with  the  formation  of  carbonic 
acid  which  exists  as  an  equilibrium  mixture  of  carbon  dioxide  and 
water  (see  p.  81).  The  carbon  dioxide,  being  volatile  and  only  slightly 
soluble,  is  readily  removed  by  boiling  the  solution.  The  procedure  is 
another  example  of  a  gas-liquid  phase  separation  (see  p.  79). 

P.  134.     instructions.     Detection  and  Estimation  of 

Carbonate  Carbon 

Detection.  Provide  a  test  tube  equipped  with  a  two-hole  stopper 
and  safety  outlet  tubes  as  shown  in  Fig.  34  of  P.  131.  Attach  a 
glass  tube  with  a  capillary  outlet  to  the  outlet  tube;  a  dropper 
tube  can  be  used. 

Add  3  ml  of  water  to  the  test  tube  and  incline  it  as  was  done  in 
P.  131.  Insert  the  outlet  tube  into  an  empty  15  ml  test  tube  which 
is  supported  in  a  beaker  of  water  to  cool  it.  Boil  the  water  in  the 
22  X  175  mm  tube  until  0.5-1  ml  have  collected  in  the  test  tube. 
Rapidly  add  to  the  15  ml  tube  5  ml  of  0.2  F  Ba(OH)2  solution. 
Immediately  loosen  the  stopper  of  the  larger  tube,  and  transfer 
to  it  a  100  ±  10  mg  sample  of  the  substance  to  be  analyzed. 
Immediately  replace  the  stopper. 

Take  2  ml  of  9  F  H2S04  in  a  fine-tipped  dropper,  raise  the 
beaker  of  cold  water  around  the  tube,  and  just  as  soon  as  bubbles 
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of  air  begin  to  be  drawn  into  the  tube,  add  the  H2S04  through  the 
safety  tube.  When  any  bubbling  in  the  tube  has  ceased,  remove 
the  cold  water,  then  slowly  heat  the  solution  so  that  a  steady 
stream  of  bubbles  passes  through  the  Ba(OH)2;  finally  boil  the 
mixture  in  the  tube  until  about  1  ml  of  solution  has  collected  in 
the  receiving  test  tube.  (White  precipitate,  probable  presence  of 
carbonate  carbon.) 

Estimation  of  Carbon.  To  5  ml  of  0.<2  F  Ha(()H)2  in  a  15  ml  test 
tube  add  0.5  ml  of  the  carbon  known  solution;  then  add  water 
until  the  volume  is  the  same  as  that  in  the  distillate  tube.  Centri- 
fuge both  mixtures  and  compare  the  relative  amounts  of  precipi- 
tate in  the  two  tubes.  From  the  relative  volumes  of  precipitate 
make  an  approximate  estimate  of  the  milligrams  of  carbon  in  the 
sample  being  analyzed. 

Confirmatory  Test  for  Carbon.  Remove  the  eentrifugate  from 
the  distillate  precipitate.  Add  to  the  precipitate  1  drop  of  6  F  HC1. 
(Bubble  formation  and  dissolving  of  the  white  precipitate,  presence 
of  carbon.) 


Section   I V 


Questions  and  Problems 


JL  he  questions  and  problems  which  follow  are  related  to  the  System 
of  Analysis  contained  in  Section  III  of  this  book.  Questions  and 
problems  related  to  the  general  principles  covered  in  Section  I  arc 
collected  at  the  end  of  each  chapter  of  that  section. 

The  questions  and  problems  below  are  of  two  types  and  have  been 
divided  into  two  parts.  In  Part  I  are  questions  and  problems  specifi- 
cally related  to  individual  discussions  or  procedures.  In  Part  II  the 
material  is  of  a  more  general  and  comprehensive  nature  and  various 
parts  of  the  system  may  be  involved  in  one  question. 


Part 


Individual  Discussions  or  Procedures 


Introductory  Discussion 

1.  Why  is  an  analysis  which  reports  only  that  certain  elements  are  present 
of  limited  usefulness? 

2.  What  is  meant  by  a  "trace"? 

3.  Suggest  a  procedure  to  be  used  to  obtain  a  small  laboratory  sample  of  a 
large  mass  of  nonhomogeneous  ore. 

P.  1.     Preliminary  Observations  and  Tests 

1.  Samples  of  various  materials  were  treated  as  directed  in  Test  (a)  of  P.  1 
(p.  188).  The  observations  made  are  given  below.  State  for  each  sample  what 
conclusions  could  be  drawn  as  to  the  constituents  present  or  absent. 

(a)  A  brown  gas  was  observed. 

(6)  The  odor  of  sulfur  dioxide  was  detected. 

(c)  A  glowing  match  flamed  when  inserted  in  the  tube. 

(d)  A  drop  of  saturated  Ba(OH)2  solution  held  in  a  small  loop  of  plat- 
inum wire  became  turbid  when  inserted  in  the  tube. 

(e)  Water  was  condensed  on  the  upper  part  of  the  tube. 

(/)  A  white  crystalline-appearing  deposit  formed  on  the  upper  part  of 
the  tube. 

(g)   A  blackish  tarry  deposit  was  obtained. 

2.  Samples  of  various  materials  were  treated  as  directed  in  Test  (b)  of  P.  1 
(p.  189).  The  observations  are  given  below.  State  for  each  sample  what  con- 
clusions could  be  drawn  as  to  the  types  of  substances  present. 
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(a)  The  sample  dissolved  to  give  a  neutral  solution. 

(b)  The  sample  dissolved  and  the  solution  had  a  pH  of  3-4. 

(c)  The  sample  dissolved  and  the  solution  had  a  pH  of  9-10. 

(rf)  The  sample  dissolved  but  the  solution  became  turbid  when  heated. 
(e)   The  sample  did  not  dissolve  until  the  HC1  was  added. 
(/)  The  sample  dissolved  to  give  a  yellow  solution  which  became  orange 
when  HC1  was  added. 

P.  2.     Treatment  of  Nonmetallic  Solids 

1.  Discuss  the  properties  of  molten  sodium  hydroxide  as  a  solvent;  as  a 
reagent  for  the  treatment  of  nonmetallic  solids. 

2.  What  additional  effects  are  obtained  by  the  addition  of  sodium  nitrate 
and  sodium  carbonate  to  the  sodium  hydroxide? 

3.  Could  sodium  peroxide  be  substituted  for  the  sodium  nitrate?  Discuss 
your  answer. 

4.  Write  an  equation  for  the  reaction  taking  place  when  BaS04  is  treated 
by  P.  2  and  P.  3.  Note  the  solubility  products  shown  in  Appendix  2  and  ex- 
plain why  this  reaction  takes  place. 

5.  Write  equations  for  the  reactions  taking  place  when  the  substances 
listed  below  are  treated  by  P.  2. 

(a)  Na2S  (d)  As203  (g)  CuS04 

(b)  As205  (e)   Si02  (h)  Ni3(As04)2 

(c)  MnO  (/)  BaCl2  (t)    MgNH4P04 

6.  What  elements  are  indicated  if  the  melt  has  (a)  a  brownish  to  black 
suspension,  (b)  a  greenish  color,  (c)  a  yellowish  color,  (d)  a  blue  color? 

7.  Write  an  equation  for  the  reaction  responsible  for  the  darkening  which 
occurs  when  a  bright  nickel  foil  is  heated  in  air.  Why  are  new  nickel  crucibles 
darkened  before  being  used  in  P.  2?  Would  you  recommend  a  chromium 
crucible  for  use  in  this  procedure?  Why? 

8.  Mention  at  least  five  precautions  one  should  take  while  performing  P.  2 
and  P.  3  to  minimize  the  danger  of  personal  injury. 

P.  3.     Separation  of  the  Basic  Element  Group  from  the 
Amphoteric  and  Acidic  Element  Groups 

In  answering  the  following  questions  you  should  review  in  your  general 
chemistry  text  the  treatments  of  the  following  topics:  (1)  the  periodic  rela- 
tionships of  the  elements;  (2)  acids  and  bases,  neutralization,  the  hydrolysis 
of  salts;  and  (3)  buffer  systems.  You  should  also  review  Chapter  6  of  this  book. 

1.  Define  a  basic  oxide;  an  acidic  oxide;  an  amphoteric  oxide. 

2.  Write  the  formulas  of  the  oxides  of  each  element  of  the  second  period 
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of  eight  of  the  periodic  table  (Na  to  CI);  assume  each  element  to  have  the 
oxidation  state  corresponding  to  the  number  of  the  vertical  column  in  which 
it  appears. 

Predict  the  products  which  would  result  upon  treating  each  of  these  oxides 
with  water.  Write  chemical  equations  where  a  significant  reaction  takes  place. 

Where  the  oxide  is  insoluble,  predict  the  effect  of  treating  it  with 
(a)  6  F  HX03  and  (b)  6  F  NaOH.  (Assume  the  oxide  is  reactive  and  not  made 
inert  by  long  standing  or  heating.) 

Classify  the  oxides  as  either  basic,  acidic,  or  amphoteric. 

How  do  the  oxides  change  in  classification  as  one  proceeds  from  left  to 
right  across  the  periodic  table?  Explain  and  give  examples. 

3.  How  does  the  oxidation  state  affect  the  basic,  acidic,  and  amphoteric 
properties  of  the  oxides  of  a  given  element?  Explain  and  give  examples. 

4.  What  type  of  treatment  is  used  to  separate  the  Basic  Element  Group 
from  the  Amphoteric  and  Acidic  Element  Groups? 

5.  What  means  are  used  in  P.  2  and  P.  3  to  obtain  the  elements  in  known 
oxidation  states? 

6.  Write  equations  which  will  explain  the  following  observations: 

(a)  When  Na20"2  was  added  to  a  solution  of  NaOH,  bubble  formation 
occurred. 

(b)  A  solution  of  a  melt  had  a  greenish  color  which  disappeared  upon 
addition  of  H2O2. 


P.  4.     Treatment  of  Metallic  Solids 

1.  Write  equations  for  the  predominant  reactions  taking  place  when  the 
following  metals  are  treated  with  an  excess  of  hot  6  F  HNO3: 

(a)  Mn  (c)    Cu  (e)    Cr 

(b)  Fe  (d)  Pb  (/)  Sn 

2.  Write  equations  for  the  reactions  taking  place  when  15  F  HNO3  and 
12  F  HC1  are  mixed.  What  is  the  common  name  for  such  a  solution?  Why  is 
such  a  solution  unusually  effective  as  a  solvent? 

3.  Why  is  the  HCI-HNO3  solution  twice  evaporated  before  addition  of 
the  chlorate? 

4.  Assume  manganese  and  chromium  are  present  and  write  equations  for 
the  reactions  taking  place  when  the  chlorate  is  added  to  the  HNO3  solution. 
Assume  that  the  chlorate  is  reduced  to  C102. 

5.  Write  equations  for  the  reactions  of  peroxide  with  (a)  Mn(II)  and 
Cr(III)  in  NaOH  solutions,  and  (b)  Mn(IV),  Mn(VII),  and  Cr(VI)  in  acid 
solutions.  Explain  the  dual  role  of  peroxide  in  these  reactions. 
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Analysis  of  the  Basic  Element  Group 

Separation  and  Analysis  of  the  Titanium  Group 

P.  11.     Separation  of  the  Titanium  Group  from  the 
Alkaline  Earth  and  Metal  Ammine  Groups 

1 .  (a)  Prepare  a  table  which  shows  in  the  first  column  the  elements  con- 
stituting the  Basic  Element  Group  arranged  in  the  order  of  their  detection 
by  this  system  of  analysis.  Draw  a  horizontal  line  separating  each  of  the 
subgroups. 

(b)  Show  in  the  second  column  the  Group  (or  column)  of  the  periodic 
table  in  which  each  element  is  found. 

(c)  Show  in  the  third  column  the  oxidation  state  of  each  of  these 
elements  when  in  the  fusion  residue. 

(c?)  The  first  three  elements  listed  have  higher  oxidation  states  than 
the  other  six.  To  what  extent  is  this  fact  significant  as  regards  the  separation 
of  the  Titanium  Group? 

2.  Explain  why  ferric  hydroxide  can  be  precipitated  at  a  lower  pH  than 
can  ferrous  hydroxide. 

3.  Note  the  precipitation  pH  of  Fe(III)  in  Table  5  (p.  215);  then  explain 
why  a  0.1  F  solution  of  ferric  nitrate  can  be  prepared  by  dissolving  the  salt 
in  pure  water.  (The  pH  of  pure  water  is  7.) 

4.  Which  of  the  cations  of  the  following  pairs  of  salts  would  be  more 
extensively  hydrolyzed  in  aqueous  solutions  if  present  in  the  same  formal 
concentration  and  at  the  same  temperature: 

(a)  Fe€l2  or  FeCl3  (d)  SnCl2  or  SnCl4 

(b)  MnSO-4  or  Mn2(S04) 3  (e)   CrCl2  or  CrCl3 

(c)  TiCl3  or  TiCU  (/)  UC14  or  UC15 

5.  (a)  Why  is  it  important  that  manganese  be  in  its  plus  four  oxidation 
state  when  this  separation  (P.  11)  is  complete? 

(6)  Why  is  it  necessary  to  use  sodium  chlorate  in  this  procedure  (Mn02 
is  insoluble  even  in  16  F  HN03)? 

6.  What  is  a  chemical  buffer  system? 

7.  Why  are  the  elements  of  the  Titanium  Group  precipitated  from  a  buf- 
fered solution? 

8.  Formulate  equations  for  the  reactions  taking  place  when  a  nitric  acid 
solution  containing  Fe(III)  and  Ti(IV)  is  buffered  to  a  pU  of  5. 

9.  What  elements  can  be  assumed  absent  if  the  fusion  residue  is  colorless? 
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10.  What  element  is  probably  present  if  a  large  white  residue  remains 
after  the  addition  of  the  2  ml  of  16  F  HN03? 

Problems 

1.  Assume  that  1.0  ml  of  16  F  HN03  is  present  after  evaporation  of  the 
HN03  solution  in  this  procedure  and  that  the  solution  is  diluted  to  5.0  ml. 
Calculate  the  volume  of  6  F  NaOH  which  would  be  required  to  neutralize 
the  solution. 

2.  To  10  ml  of  a  solution  which  contains  6  mmoles  of  HNO3  there  were 
added  4  ml  of  6  F  CH3COONH4.  Calculate  the  hydrogen  ion  concentration 
and  the  pH  of  the  resulting  solution. 

3.  Calculate  the  weight  of  sodium  acetate  which  must  be  added  to  15  ml 
of  a  0.10  F  HNO3  solution  to  give  a  buffer  solution  of  pW  5.  Assume  no  volume 
change  upon  addition  of  solid  CH3COONa. 

4.  Calculate  the  pH  of  a  solution  prepared  by  mixing  2  ml  each  of 
3  F  CH3COONa,  1  F  HN03,  and  6  F  CH3COOH,  and  diluting  to  10  ml. 

5.  A  solution  containing  0.060  g  of  CH3COOH  is  diluted  to  1.50  1.  What 
is  the  formal  concentration  of  acetic  acid?  Conductance  measurements  have 
indicated  that  the  acetic  acid  in  this  solution  is  15%  ionized.  What  is  the 
molar  concentration  of  the  (a)  CH3COOH,  (6)  H+  and  (c)  CH3COO-  in  the 
solution?  Calculate  the  ionization  constant  of  acetic  acid  from  the  data  given. 

P.  12.     Preparation  of  a  Solution  of  the  Titanium  Group 

Be  sure  that  you  can  formulate  equations  for  the  reactions  whereby  each  ele- 
ment of  this  group  has  proceeded  from  the  fusion  of  P.  2  to  the  solution  obtained 
in  this  procedure. 

1.  Why  is  sulfuric  acid  rather  than  hydrochloric  or  perchloric  acid  used 
to  dissolve  the  Titanium  Group  residue? 

2.  Why  is  sodium  sulfate  added  to  the  sulfuric  acid  which  is  used  to  dis- 
solve the  Titanium  Group  residue? 

3.  If  MnOo  does  not  dissolve  in  the  sulfuric  acid,  KN02  is  added.  Explain 
the  effect  obtained.  Write  an  equation  for  the  reaction.  Could  Na2S03  be 
used  in  place  of  KN02? 

P.  13.     Detection  and  Estimation  of  Iron 

1.  What  is  the  principal  ionic  species  utilized  for  the  detection  and  estima- 
tion of  iron?  Give  an  equation  for  its  formation. 

2.  Why  is  sodium  sulfate  included  in  the  comparison  solution? 

3.  What  would  be  the  result  of  performing  this  test  for  iron  in  a  solution 
which  had  a  pH  of  3? 
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4.  In  the  estimation  of  iron,  0.3  g  of  Na2S03  was  added  instead  of  the 
Na2SO410H2O.  Predict  the  result.  Explain. 

P.  14.  Detection  and  Estimation  of  Manganese 

1.  What  is  the  ionic  species  utilized  for  the  detection  and  estimation  of 
manganese?  Lead  dioxide  is  sometimes  used  to  produce  the  same  species; 
write  an  equation  for  the  reaction  involved. 

2.  Compare  the  properties  of  Mn(II)  with  those  of  Mn(IV),  Mn(VI),  and 
Mn(VII)  and  account  for  the  changes  with  oxidation  state. 

Problem 

1.  What  error  will  occur  in  the  estimation  of  manganese  if  the  color 
intensities  are  matched  but  the  column  of  the  comparison  liquid  is  8  cm  high 
and  the  column  of  unknown  is  7  cm? 

P.  15.     Detection  and  Estimation  of  Titanium 

1.  What  is  the  oxidation  state  of  titanium  in  the  chemical  species  utilized 
for  the  detection  and  estimation  of  titanium? 

2.  Why  is  phosphoric  acid  added  to  the  solution  prior  to  the  detection 
of  titanium  only  if  iron  was  found  previously? 


Analysis  of  the  Alkaline  Earth  Group 

P.  21.     Separation  of  the  Alkaline  Earth  Group 
from  the  Metal  Ammine  Group 

1.  Why  do  the  Alkaline  Earth  Group  elements  (with  the  exception  of  Be) 
show  relatively  little  tendency  to  form  complex  ions?  Why  is  Be  the  excep- 
tion? 

2.  Discuss  the  relative  effectiveness  of  the  following  as  reagents  for  effect- 
ing the  separation  of  the  Alkaline  Earth  Group  from  the  Metal  Ammine 
Group: 

(a)  NaOH  and  Na2C03  (c)   NaOH  and  NH4OH 

(b)  NH4OH  and  Na2C03  (d)  NH4OH  and  (NH4)2C03 

3.  The  phosphates  of  the  Alkaline  Earth  Group  elements  are  quantita- 
tively precipitated  from  ammoniacal  solutions.  What  factors  would  have  to 
be  considered  in  evaluating  the  proposal  that  NH4OH  and  (NH4)2HP04  be 
used  instead  of  the  NH4OH  and  (NH4)2C03  in  the  above  procedure? 

4.  Discuss  the  proposal  that  the  separation  of  the  Alkaline  Earth  Group 
from  the  Metal  Ammine  Group  be  made  by  first  adding  a  large  excess  of 
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15  F  NH4OH  and  then  saturating  the  solution  with  C02.  Write  equations  for 
the  successive  reactions  taking  place  during  the  saturation. 

5.  How  would  each  element  of  the  Titanium  Group  behave  in  P.  21? 

P.  22.     Separation  of  Barium  as  Chromate 

Be  sure  that  you  can  formulate  equations  for  the  reactions  whereby  each  ele- 
ment of  this  group  has  proceeded  from  the  fusion  of  P.  2  to  the  solution  obtained 
in  this  procedure. 

1.  What  considerations  fix  the  upper  and  lower  pH  limits  suitable  for  the 
precipitation  of  BaCr04  in  this  procedure? 

2.  What  color  change  takes  place  when  the  0.2  ml  of  1.5FK2Cr04  is 
added  to  the  HNO3  solution?  Write  equations  for  the  reactions  taking  place. 

3.  Why  are  KOH  and  HN03  used  for  this  pH  adjustment  rather  than 
NH4OH  and  CH3COOH? 

4.  For  what  three  purposes  are  chromate  and  dichromate  ions  used  in 
this  procedure? 

Problems 

1.  Calculate  the  solubility  of  BaCr04  (in  mg  of  Ba  per  ml)  in  a  solution 
0.10  M  in  Cr04=. 

2.  What  will  be  the  ratio  of  the  concentration  of  chromate  to  that  of  di- 
chromate in  a  solution  whose  total  Cr(VI)  concentration  is  0.50  F  and  whose 
pR  is  6.5? 

3.  If  3.0  mg  of  Ba  ion  were  present  in  10  ml  of  a  solution  such  as  that  in 
Problem  2,  would  BaCr04  be  precipitated?  What  would  be  the  final  [Ba^]? 

P.  23.     Confirmatory  Test  for  Barium 

1.  Write  equations  for  the  reactions  taking  place  when  BaCr04  is  treated 
with  12  F  HC1. 

2.  What  types  of  solvent  action  are  involved  when  BaCr04  is  treated  with 
12FHC1? 

3.  Why  is  concentrated  HC1  more  effective  than  HNO3  in  dissolving 
BaCr04? 

4.  Give  two  reasons  why  raising  the  temperature  makes  HC1  more 
effective  in  dissolving  BaCr04. 

5.  What  effect  other  than  those  obtained  with  BaCr04  would  be  obtained 
in  dissolving  PbCr04  in  HC1? 

6.  Discuss  the  relative  effectiveness  of  HC1  and  H2S04  in  dissolving 
PbCrCv 
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Problems 

1.  Calculate  the  pll  of  a  0.010  F  H2S04  solution. 

2.  Calculate  the  pll  of  50  ml  of  0.010  F  HC1  after  0.10  g  of  Na2S04  is 
added  to  the  solution.  Is  this  solution  a  good  hydrogen  ion  buffer? 

3.  Calculate  the  sulfate  ion  concentration  of  the  solution  of  Problem  2.  Is 
this  solution  well  buffered  with  respect  to  sulfate? 

4.  Calculate  the  [H+],  the  [S04=],  and  the  [HS04"]  when  to  100  ml  of 
0.10  F  Na2S04  one  adds  (a)  50  ml,  (b)  100  ml,  and  (c)  150  ml  of  0.10  F  H2S04. 

5.  (a)  Calculate  the  [Ba++]  and  the  [Ca++]  which  would  be  in  equilibrium 
with  each  of  the  solutions  of  Problem  4. 

(b)   Calculate  the  ratio  of  [Ba^]  to  [Ca++]  for  each  solution.  Derive 
an  expression  for  calculating  this  ratio. 

P.  24.     Precipitation  of  Calcium  as  Oxalate 

1.  Why  is  it  desirable  analytically  to  cause  precipitates  to  form  in  rela- 
tively slightly  supersaturated  solutions?  Discuss  practical  methods  whereby 
supersaturation  can  be  minimized  during  precipitations. 

2.  What  would  be  the  effect  on  the  particle  size  of  the  CaC204  precipitate 
obtained  in  this  procedure  if  the  order  of  addition  of  the  K2C204  and  the 
NH4OH  were  reversed?  Explain. 

3.  Why  is  the  separation  of  calcium  from  magnesium  possible  considering 
the  relative  solubilities  of  the  oxalates? 

4.  What  effect  could  result  from  allowing  a  calcium  oxalate  precipitate 
of  this  procedure  to  stand  for  several  days  before  filtering  or  centrifuging? 

5.  What  effect  would  result  from  incomplete  washing  of  the  calcium 
oxalate  precipitate? 

Problems 

1.  In  carrying  out  P.  24,  0.1  ml  of  15  F  NH4OH  was  required  to  produce 
a  yellow  color  and  then  0.5  ml  of  the  NH4OH  was  added.  Make  an  approxi- 
mate calculation  of  the  resulting  pH. 

2.  Assume  that  the  final  volume  of  the  solution  of  P.  24  was  8  ml,  that 
the  pH  had  the  value  calculated  in  Problem  1  above,  and  that  12  mg  of  calcium 
were  present  but  that  magnesium  was  absent.  Calculate  the  milligrams  of 
calcium  remaining  in  the  solution.  How  would  this  quantity  be  affected  by 
the  presence  of  magnesium? 

P.  25.     Estimation  of  and  Confirmatory  Test  for  Calcium 

1.  What  two  solvent  effects  are  obtained  when  a  precipitate  of  CaC204  is 
treated  with  H2S04? 
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2.  With  which  of  the  following  insoluble  metal  oxalates  would  both  of 
these  effects  be  obtained: 

Ba(II)  Ce(III)  Ag(I) 

Zn(II)  Pb(II) 

3.  What  effect  would  be  observed  if  the  titration  were  made  in  a  cold 
solution? 

4.  What  effect  would  be  observed  if  1  ml  of  0.1  F  MnS04  were  added  to 
the  solution  before  beginning  the  titration? 

5.  During  the  course  of  the  titration  a  brownish  precipitate  appeared 
before  the  equivalence  point.  What  corrective  measures  would  you  try? 

6.  The  analysis  of  a  known  sample  was  made  and  the  values  for  the  cal- 
cium content  were  high.  Suggest  possible  causes. 

7.  Why  is  the  confirmatory  test  required  in  addition  to  the  permanganate 
titration? 

8.  Could  the  quantity  of  calcium  present  be  reliably  estimated  by  a 
comparison  of  the  calcium  sulfate  precipitate  with  standards? 

9.  Which  of  the  following  substances  would  be  expected  to  show  a  solubil- 
ity decrease  upon  adding  an  equal  volume  of  ethyl  alcohol  to  saturated 
aqueous  solutions: 

(a)  Ba(N03)2  (c)   PbS04 

(b)  Iodine  (d)  As203 

Explain  the  basis  of  your  predictions. 

10.  Quantitative  methods  exist  in  which  titrations  with  standard  perman- 
ganate solutions  are  made  in  acid  solutions  where  the  permanganate  oxidizes 
the  following  reductants  to  the  conjugate  oxidant  shown;  the  Mn04_  is 
reduced  to  Mn++.  Write  equations  for  the  reactions: 

(a)  Fe++  to  Fe+++  (d)  V++  to  V(OH)4+ 

(6)  H3As03  to  H3As04  (e)   Ti+++toTiO++ 

(c)   HSbCl4  to  HSbCl6  in  HC1  solutions  (/)  UO++  to  U02+  + 

11.  What  is  the  oxidation  state  change  when  H202  acts  as  (a)  an  oxidant 
and  (6)  a  reductant? 

Problems 

1.  What  weights  of  KMn04  should  be  taken  to  prepare  one  liter  of  exactly 
one- tenth  normal  solutions  for  the  following  titrations: 

(a)  strongly  alkaline  solutions  in  which  the  Mn04~  is  reduced  to  Mn04=. 

(b)  neutral  solutions  in  which  the  Mn04~  is  reduced  to  Mn02. 

(c)  acid  solutions  in  which  the  Mn04~  is  reduced  to  Mn++. 
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2.  In  making  an  estimation  of  calcium,  6  drops  (30  drops  per  ml)  of  a 
0.20  F  KMn04  solution  were  used.  What  is  the  normality  of  the  KMn04  as 
thus  used?  Calculate  the  milligrams  of  calcium  in  the  solution. 

3.  What  weight  of  Mn02  would  3  drops  (30  drops  per  ml)  of  1  F  H202 
dissolve? 

4.  A  precipitate  of  FeC204-2H20  was  treated  according  to  the  directions 
in  the  first  two  paragraphs  of  P.  25;  0.30  ml  of  0.20  F  KMn04  was  used. 
Calculate  the  weight  of  iron  in  the  precipitate.  (Consider  all  possible  re- 
actions!) 

P.  26.     Precipitation  of  Magnesium 

1.  Could  magnesium  be  separated  from  barium  and  calcium  by  precipita- 
tion as  the  phosphate? 

2.  Why  would  you  expect  to  find  a  similarity  between  the  analogous  com- 
pounds of  phosphorus  and  arsenic? 

3.  Explain  by  a  consideration  of  the  equilibria  involved  why  one  might 
expect  the  rate  of  precipitation  of  magnesium  in  this  procedure  to  be  rela- 
tively slow. 

4.  Write  an  equation  for  the  reaction  involved  in  the  formation  of  the 
magnesium  precipitate.  (WTiere  several  species  may  be  in  equilibrium  formu- 
late the  equation  in  terms  of  the  species  present  in  predominant  concentra- 
tions. By  so  doing  the  factors  influencing  the  reaction  are  more  apparent. 
For  example,  if  this  reaction  were  formulated  as  Mg++  +  NH4+  +  P04=  = 
MgNH4P04(s),  the  effect  of  the  pH  upon  the  precipitation  would  not  be 
apparent.) 

5.  At  what  pH  would  there  be  in  a  solution  equal  concentrations  of: 
(a)  P04=andHP04= 

(6)  HPOr  and  HjPOr 
(c)   P04s  and  H2POr 

P.  27.     Confirmatory  Test  for  and  Estimation  of  Magnesium 

1.  What  is  a  lake? 

2.  Would  sulfuric  acid  of  equal  formal  concentration  be  as  satisfactory 
for  dissolving  the  magnesium  precipitate  as  hydrochloric? 

Analysis  of  the  Metal  Ammine  Group 

P.  31.     Precipitation  of  the  Metal  Ammine  Group 

1.  Why  do  ammonium  salts  have  to  be  removed  prior  to  the  precipitation 
of  the  Metal  Ammine  Group? 
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2.  What  mass  action  principles  are  involved  in  the  removal  of  the  am- 
monium salts? 

3.  Formulate  equations  for  the  reactions  which  occur  when  NaOH  is 
added  to  the  ammoniacal  solution  (from  P.  21)  containing  the  Metal  Ammine 
Group  elements  and  the  solution  is  boiled. 

4.  Explain  why  the  solution  must  be  boiled  for  a  long  time. 

5.  What  chemical  species  causes  the  blue  color  sometimes  seen  in  the 
filtrate  from  the  Metal  Ammine  Group  precipitate? 

6.  What  changes  may  occur  when  a  moist  silver  oxide  precipitate  is  ex- 
posed to  the  air  of  a  chemical  laboratory? 

7.  What  would  be  the  result  of  the  addition  of  an  excess  of  (NH^S  to  the 
solution  from  P.  21  (see  Table  10,  p.  281)?  What  modification  of  the  system 
of  analysis  does  this  result  suggest? 

P.  32.     Precipitation  and  Estimation  of  Silver 

1.  Write  equations  for  the  reactions  which  occur  when  nitric  acid  is  added 
to  the  Metal  Ammine  Group  precipitate. 

2.  Why  is  nitric  acid  chosen  to  dissolve  this  group  precipitate? 

3.  Why  is  the  solution  heated  while  the  NH4C1  is  added?  (Silver  chloride 
is  less  soluble  in  cold  water.) 

4.  Would  the  solubility  of  the  AgCl  be  significantly  increased  if  2  ml  of 
6  F,  rather  than  3  F,  HNO3  were  used  to  dissolve  the  group  precipitate? 

5.  Assume  that  the  volume  of  the  solution  is  6  ml  after  adding  an  excess 
of  one  and  one  half  drops  of  1.0  F  NH4CI.  Calculate  the  [Ag+]  in  the  solution. 
How  many  mg  of  Ag  does  this  represent? 

P.  33.     Confirmatory  Ted  for  Silver 

1.  Write  equations  for  the  reactions  involved  in  this  confirmatory  test. 

Problems 

1.  If  the  solubility  of  AgCl  in  3  F  NH3  is  1.0  X  103  times  (by  weight  of 
silver  ammine  ion)  that  of  Agl,  what  is  the  ratio  of  the  solubility  products  of 
the  two  halides? 

2.  Calculate  (with  the  aid  of  the  solubility  product  and  the  complex 
dissociation  constant)  the  formal  solubility  of  silver  chloride  in  1  F  NH3. 

3.  Calculate  the  formal  solubility  of  silver  bromide  in  1  F  NH3. 

4.  How  many  milligrams  of  silver  chloride  could  be  dissolved  by  5  ml  of 
6  F  NH3? 
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5.  Pure  water  is  saturated  with  both  solid  silver  chloride  and  silver  iodide. 
Calculate  the  ratio  of  the  molar  concentrations  of  chloride  to  iodide  in  the 
solution. 

6.  Solid  AgCl  and  Agl  were  added  to  a  solution  which  was  initially  1  F  in 
NH4OH  until  an  excess  of  both  solids  was  present.  Calculate  the  ratio  of  the 
molar  concentrations  of  chloride  to  iodide  after  attainment  of  equilibrium. 
Compare  this  value  with  that  in  Problem  5  above.  (Note  that  this  value  sets 
a  theoretical  limit  to  the  completeness  of  the  separation  of  iodide  and  chloride 
as  silver  salts.) 

P.  34.     Precipitation  and  Estimation  of  Copper 

1.  Why  does  solid  I2  not  precipitate  in  this  procedure  when  large  quanti- 
ties of  copper  are  present? 

2.  Derive  an  equation  for  the  reaction  between  cupric  copper  and  iodide 
from  the  half-cell  reactions  and  the  solubility  product  involved. 

3.  Derive  an  equation  from  the  half-cell  reactions  for  the  reaction  in- 
volved in  the  titration  of  iodine  with  (a)  sulfite  and  (6)  thiosulfate.  Discuss 
the  reversibility  of  these  reactions. 

4.  Is  the  appearance  of  iodine  color  when  KI  is  added  proof  of  the  presence 
of  copper?  Explain. 

5.  Why  must  an  excess  of  either  of  the  titrants  used  in  this  procedure  be 
avoided? 

Problems 

1.  When  involved  in  this  procedure  what  is  the  normality  of  0.1  F  solu- 
tions of  each  of  the  following: 

(a)  CuS04  (d)  NaHSOs 

(6)  Cu(N03)2  («)   Na2S203 

(c)   Na2S03 

2.  The  titration  of  10  ml  of  a  KI3  solution  required  2.5  ml  of  a  0.10  F  Na2S03 
solution.  Calculate  the  formality  and  normality  of  the  KI3  solution. 

3.  The  titration  of  20  mg  of  copper(II)  in  12  ml  of  an  H2S04  solution  re- 
quired 5.0  ml  of  a  certain  NaHS03  solution  to  react  with  the  liberated  iodine. 
Calculate  (a)  the  formality  of  the  sodium  hydrogen  sulfite  solution  and  (b)  the 
number  of  mg  of  NaHS03  per  10  ml  of  the  solution. 

4.  Calculate  the  number  of  mg  of  copper(II)  present  in  8  ml  of  a  solution 
if  1.6  ml  of  0.5  F  Na2S203  were  required  for  a  titration  made  according  to 
this  procedure. 
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5.  Calculate  and  insert  the  proper  value  in  the  blank  space  of  the  table 
below: 

Formal  Solubilities  of  Iodine  (25°  C) 

Solution                     Water               0.00500  F  KI             0.100  F  KI 
I2  (formality)  0.00134  0.00378 

6.  The  vapor  pressure  of  solid  iodine  at  25°  C  is  0.40  mm  of  mercury.  What 
is  the  partial  pressure  of  iodine  above  a  saturated  solution  at  25°  C?  Calculate 
the  partial  pressures  of  iodine  above  the  KI  solutions  of  Problem  5  above. 

P.  35.     Confirmatory  Test  for  Copper 

1.  What  would  be  the  objections  to  the  use  of  permanganate  instead  of 
H202  to  oxidize  Cu(I)  to  Cu(II)  in  this  confirmatory  test? 

2.  Why  is  the  blue  cupric  ammine  color  not  an  adequate  confirmatory 
test  for  copper? 

3.  Formulate  equations  describing  the  dissolving  of  the  cuprous  iodide 
precipitate,  its  conversion  to  the  cupric  ammine  complex,  and  finally  the 
precipitation  of  the  copper  as  the  ferrocyanide. 

P.  36.     Detection  of  Nickel 

1.  What  physical  properties  of  nickel  dimethylglyoxime  indicate  that  the 
compound  is  not  a  conventional  salt? 

2.  What  properties  would  you  expect  nickel  diethylglyoxime  to  have? 

3.  Use  structural  formulas  and  write  an  equation  for  the  precipitation  of 
nickel  dimethylglyoxime. 

4.  A  neutral  solution  of  dimethylglyoxime  is  added  to  a  solution  of  NiCU 
in  pure  water.  What  pH  change  would  be  observed?  (How  could  this  effect 
be  utilized  as  the  basis  of  a  method  for  the  estimation  of  nickel?) 
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P.  41.     Flame  Teds  for  Sodium  and  Potassium 

1.  Why  is  a  separate  portion  of  the  original  sample  used  for  the  tests  for 
sodium  and  potassium? 

2.  Explain  the  principles  upon  which  emission  spectroscopy  is  based. 
Would  a  typically  basic  or  typically  acidic  element  be  more  amenable  to 
identification  by  emission  spectroscopy?  Explain. 
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3.  Why  are  the  chlorides  used  for  the  flame  tests  even  though  the  alkali 
element  nitrates  and  sulfates  are  soluble? 

4.  Why  must  the  wire  used  in  the  flame  test  be  scrupulously  clean?  Why 
is  it  made  of  platinum? 

5.  One  should  never  heat  platinum  ware  icith  a  reducing  flame.  Why? 

6.  One  should  never  subject  platinum  ware  to  the  action  of  acid  solutions 
containing  an  oxidizing  agent  together  with  chloride,  bromide,  or  iodide.  Why? 

7.  Write  equations  for  the  reactions  taking  place  when  metallic  platinum 
is  dissolved  by  a  hydrochloric  acid  solution  containing  chlorine. 

P.  42.     Elimination  of  Interfering  Constituents 

1.  The  pH  of  the  solution  used  in  P.  43  could  be  as  high  as  6.  Which  of  the 
elements  of  this  system  might  hydrolyze  and  precipitate  under  such  condi- 
tions? 

2.  Write  an  equation  for  the  reaction  taking  place  when  "quick  lime" 
(CaO)  is  "slaked"  (treated  with  excess  water). 

3.  Show  that  the  pH  of  solutions  saturated  with  either  Ca(OH)2  or  CaC03 
is  controlled  by  the  calcium  ion  concentration. 

4.  Formulate  the  reactions  taking  place  when  excess  (NH^COs  is  added 
to  a  calcium  hydroxide  solution  and  the  solution  then  boiled. 

5.  Why  is  the  sample  treated  with  HO  if  permanganate  or  chromate  is 
present?  Write  equations  for  the  reactions  of  chromate  and  permanganate 
during  this  treatment. 

6.  Give  equations  for  the  reactions  of 

(a)  Fe(III)  (c)   Pb(II) 

(b)  Cu(II)  (d)  Cr(III) 

if  a  mixture  containing  all  of  these  was  treated  by  P.  42. 

P.  43.     Precipitation  of  Potassium 

1.  The  cobaltinitrite  reagent  is  prepared  by  dissolving  NaN02  in  water 
and  then  adding  CH3COOH  and  Co(N03)2.  Formulate  equations  for  the 
reactions  taking  place. 

2.  The  reagent  slowly  decomposes.  Formulate  explanatory  reactions. 

3.  A  sensitive  test  for  the  presence  of  cobalt  can  be  made  by  adding  an 
excess  of  KN02  to  an  acetic  acid  solution.  Formulate  equations  for  the  reac- 
tions taking  place. 

P.  44.     Precipitation  of  Sodium 

1.  Write  an  equation  for  the  reaction  involved  in  the  precipitation  of 
sodium. 


As(V) 

Zn(II) 

Sn(II) 

Cr(III) 

Sn(IV) 

Cr(VI) 

Al(III) 

V(V) 
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Analysis  of  the  Amphoteric  Element  Group 

General  Discussion 

1.  Define  an  amphoteric  oxide  (or  hydroxide) ;  an  acidic  oxide;  a  basic 
oxide. 

2.  Classify  as  basic,  acidic,  or  amphoteric  the  oxides  of  the  following  ele- 
ments in  the  oxidation  states  shown: 

Pb(II) 

Cu(II) 
Pb(IV) 

As(III) 

(Note  the  effect  of  oxidation  state.) 

3.  The  oxides  of  tin(IV)  and  arsenic(V)  are  both  predominantly  acidic; 
why  are  these  elements  provided  for  in  the  analysis  for  the  Amphoteric  Group 
elements  ? 

4.  List  the  various  factors  which  are  responsible  for  the  extensive  use  of 
oxide  (or  hydroxide)  separations. 

5.  Why  would  one  predict  that  the  oxides  and  sulfides  of  metallic  elements 
would  have  similar  properties?  Cite  examples  of  their  similarity. 

6.  (a)  Prepare  a  table  which  shows  in  the  first  column  the  elements  of 
the  Amphoteric  Group  in  the  order  of  their  detection  by  this  system;  include 
the  common  oxidation  states. 

(b)  In  successive  columns  record  the  principal  chemical  species  in 
which  this  element  would  be  present  in  a  0.1  F  HCIO4  solution;  a  solution 
buffered  at  pH  5;  a  solution  buffered  at  pH  10;  a  0.1  F  KOH  solution. 

Separation  of  the  Sulfide  Group  from  the 
Aluminum-Chromium  Group 

P.  51.     Precipitation  of  the  Sulfide  Group 

1.  What  factors  are  responsible  for  the  widespread  use  of  sulfide  separa- 
tions? 

2.  Why  is  the  precipitation  of  the  Sulfide  Group  begun  and  finished  at 
different  hydrogen  ion  concentrations? 

3.  What  are  the  advantages  of  thioacetamide  as  compared  with  H2S  as  a 
sulfide  precipitant? 

4.  Write  equations  for  the  reactions  taking  place  when  thioacetamide 
hydrolyzes  in  acid  solutions. 
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5.  Predict  the  probable  effect  if  the  hydrogen  ion  concentration  at  the 
finish  of  the  precipitation  were  (a)  10-3  M,  (b)  0.4  M,  rather  than  0.07  M. 

6.  Why  is  the  alkaline  solution  of  the  amphoteric  elements  partially 
neutralized  with  HC1? 

7.  Why  should  nitrite  be  removed  from  the  solution  before  adding  thio- 
acetamide? 

8.  What  is  the  purpose  of  the  ammonium  sulfate? 

Problems 

1.  To  3  ml  of  a  solution  initially  0.5  F  in  HN03  were  added  4  ml  of 
3  F  (NHU^SO*.  Calculate  the  resulting  hydrogen  ion  concentration. 

2.  A  solution  at  room  temperature  and  buffered  at  a  pH  of  4.0  is  saturated 
with  H2S  at  atmospheric  pressure.  Calculate  the  sulfide  ion  concentration. 
(The  solubility  of  H2S  under  these  conditions  is  0.10  F.) 

3.  Hydrogen  sulfide  gas  was  passed  into  1  liter  of  a  solution  buffered  at  a 
pH  of  9.0  until  0.10  mole  of  the  gas  was  absorbed.  Calculate  the  molar 
concentrations  of  the  H2S,  HS_,  and  S=. 

4.  Show  that  the  solubility  of  a  sulfide  of  the  type  M++S=  in  a  solution 
saturated  with  H2S  is  directly  proportional  to  the  solubility  product  of  the 
sulfide  and  to  the  square  of  the  hydrogen  ion  concentration. 

5.  Calculate  how  many  milligrams  of  lead  would  remain  in  10  ml  of  a 
solution  at  room  temperature  and  in  which  the  hydrogen  ion  and  hydrogen 
sulfide  concentrations  were  0.10  M  and  1.0  X  10~3  M,  respectively.  Discuss 
briefly  the  uncertainties  involved  in  using  such  calculations  to  predict  experi- 
mental behavior. 

6.  (a)  Calculate  the  molar  concentration  of  the  manganous  ion  required 
to  saturate  the  solution  of  Problem  2  with  MnS. 

(6)  Repeat  the  calculation  for  the  solution  of  Problem  3. 

7.  At  what  pH  would  a  solution  be  saturated  with  FeS  if  the  H2S  were 
0.1  F  and  the  Fe++  were  10~3  M? 

8.  At  what  pH  would  10  ml  of  a  solution  which  contained  0.1  mg  of 
Pb(II)  be  saturated  with  PbS  if  the  H2S  were  0.1  F?  Why  is  this  [H+]  higher 
than  the  0.07  M  provided  in  P.  51? 
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P.  52.     Separation  of  the  Lead  Group  from  the  Arsenic  Group 

1.  On  what  chemical  properties  does  the  separation  of  the  Lead  Group 
from  the  Arsenic  Group  depend? 
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2.  Formulate  equations  for  the  reactions  which  occur  when  (a)  a  3  F  NaOH 
solution  is  saturated  with  H2S  and  (6)  the  NaHS  reagent  and  NaOH  are  added 
to  the  Sulfide  Group  precipitate. 

3.  What  is  the  oxidation  state  of  the  arsenic  in  the  Sulfide  Group  precipi- 
tate? In  the  alkaline  solution  of  the  Arsenic  Group?  Explain  the  change  in 
oxidation  state.  Illustrate  with  equations. 

Problems 

1.  Show  that  the  [H+]  in  a  1  F  NaHS  solution  is  about  3  X  10"11,  as 
stated. 

2.  Calculate  the  [S=]  in  a  1  F  NaHS  solution  having  a  pH  of  13.0. 

Analysis  of  the  Lead  Group 

P.  53.     Solution  of  tfie  Lead  Group  Sulfides 

1.  What  solvent  effects  are  involved  when  PbS  and  CuS  are  dissolved 
in  HN03? 

2.  Write  equations  for  the  reactions  which  occur  in  the  process  of  dissolv- 
ing lead  and  copper  sulfides  in  (a)  dilute  and  (b)  concentrated  HN03. 

3.  Why  is  dilute  rather  than  concentrated  acid  used  first  in  this  procedure? 

4.  Why  should  the  wash  water  be  hot? 

P.  54.     Precipitation  of  Lead  Sulfate 

1.  Discuss  the  relative  merits  of  H2SO4  and  (NH4)2S04  as  the  precipitant 
in  this  procedure. 

2.  Calculate  the  solubility  of  lead  sulfate  (expressed  as  mg  of  Pb  per  ml) 
in  a  solution  0.30  F  in  (NHi^SCh  and  having  (a)  a  pH  of  3.0  and  (6)  a  pH  of 
0.0. 

P.  55.     Confirmatory  Test  for  and  Estimation  of  Lead 

1.  Formulate  an  equation  for  the  reaction  which  occurs  when  lead  sulfate 
is  dissolved  in  this  procedure. 

2.  Which  is  the  better  solvent  for  lead  sulfate,  0.10  F  acetic  acid  or  0.050  F 
sodium  acetate? 

3.  Formulate  equations  for  the  reactions  taking  place  when  lead  chromate 
dissolves  in  a  HNO3  solution. 

Problems 

1.  What  would  be  the  ratio  of  the  formal  solubilities  of  lead  chromate  in 
solutions  having  pH  values  of  1.0  and  3.0? 
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2.  Calculate  the  approximate  pH  of  the  solution  from  which  lead  chromate 
is  precipitated  in  this  procedure. 

3.  A  4  ml  sample  which  contained  lead  required  3  drops  of  1.0  F  K2CrC>4 
(from  a  dropper  which  gave  21  drops/ml)  to  precipitate  the  lead.  Calculate 
the  number  of  mg  of  lead  in  the  sample. 

P.  56.     Detection  of  Copper 

1.  Write  an  equation  for  the  reaction  by  which  copper  is  detected. 

2.  Why  are  only  a  few  milligrams  of  copper  to  be  expected  in  this  pro- 
cedure? 


Analysis  of  the  Arsenic  Group 

P.  61.     Precipitation  of  the  Arsenic  Group 

1.  Explain  why  a  fine  white  precipitate  usually  forms  upon  acidification 
of  an  alkaline  sulfide  solution. 

2.  Write  equations  for  the  reactions  involved  in  the  precipitation  of  the 
arsenic  and  stannic  sulfides. 

3.  Stannic  sulfide  is  more  soluble  in  3  F  HO  than  in  3  F  H2S04.  Explain. 

P.  62.     Separation  of  Arsenic  from  Tin 

1.  What  two  mass  action  effects  are  utilized  for  this  separation  of  arsenic 
from  tin? 

2.  Calculate  the  ratio  of  the  formal  solubilities  of  SnS2  in  0.1  F  and 
1 .0  F  HO,  both  solutions  being  saturated  with  H2S. 

P.  63.     Confirmatory  Test  for  and  Estimation  of  Arsenic 

1.  Write  equations  representing  the  reactions  taking  place  when  (a)  As2Os 
is  dissolved  in  NaOH,  (b)  As2SB  is  dissolved  in  XaSH,  and  (c)  As2S5  is  dissolved 
in  NaOH. 

2.  What  oxidation  state  change  occurs  when  hydrogen  peroxide  acts  as 
(a)  an  oxidizing  agent  and  (b)  a  reducing  agent? 

3.  Formulate  an  equation  showing  the  oxidation  of  sulfur  to  sulfate  by 
peroxide  in  an  alkaline  solution. 

4.  What  oxidation  state  changes  occur  when  an  alkaline  peroxide  solu- 
tion is  heated? 

5.  Why  is  the  treatment  of  the  MgNH4As04  precipitate  with  AgN03 
necessary? 
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Problems 

1.  Calculate  the  hydroxyl  ion  concentration  resulting  from  adding  0.5  ml 
of  6  F  NH4OH  and  0.5  g  of  NH4NO3  to  (a)  5  ml  and  (6)  50  ml  of  water. 

2.  In  the  preparation  of  an  ammoniacal  magnesium  nitrate  reagent  13  g 
of  Mg(N03)2-6H20  were  dissolved  in  water  and  3.5  ml  of  6  F  NH4OH  added; 
a  precipitate  formed.  Calculate  the  minimum  weight  of  NH4NO3  to  add  in 
order  to  obtain  a  clear  solution  when  the  mixture  is  diluted  to  100  ml. 

3.  The  precipitation  of  magnesium  ammonium  arsenate  is  to  be  made 
from  a  solution  containing  12  mmoles  of  ammonium  ion  and  1  mmole  of 
magnesium  ion  in  7  ml.  Calculate  the  maximum  number  of  mmoles  of  NH4OH 
which  can  be  present  without  causing  precipitation  of  Mg(OH)2. 

P.  64.     Precipitation  of  Tin  as  Hydrous  Oxide 

1.  Why  must  H2S  and  S  be  removed  from  this  solution  prior  to  precipitat- 
ing Sn(OH)4? 

2.  Suggest  a  substitute  for  the  chlorate  used  in  this  procedure. 

3.  Could  an  excess  of  6  F  NaOH  be  substituted  for  the  15  F  NH4OH? 

P.  65.     Confirmatory  Test  for  and  Estimation  of  Tin 

1.  Why  is  a  confirmatory  test  for  tin  necessary? 

2.  Criticize  the  following  equation  for  showing  the  reaction  of  metallic 
lead  with  Sn(IV)  in  this  procedure: 

Sn++++  +  Pb(»)  +  2C1-  =  Sn++  +  PbCl2(s) 

3.  Is  the  quantitative  reduction  of  Sn(IV)  by  metallic  lead  in  this  pro- 
cedure consistent  with  the  half-cell  potential  values  given  in  Appendix  5? 
Explain! 

4.  Why  is  the  Sn(II)  solution  cooled  before  adding  the  HgCl2? 

5.  Explain  the  following  observations:  A  1  F  Fe(N03)3  solution  became  es- 
sentially colorless  upon  addition  of  HNO3;  then  became  colored  upon  addition 
of  KC1;  then  became  almost  colorless  upon  addition  of  H3PO4. 

6.  Criticize  the  following  equation  for  the  reaction  involved  in  the  titration 
of  Sn(II)  with  Fe(III) : 

Sn++  +  2Fe+++  =  Sn+  +++  +  2Fe+  + 

7.  An  analyst  carried  duplicate  tin  samples  simultaneously  through  the 
reduction  with  lead.  He  titrated  Sample  I,  calculated  his  results,  and  then 
titrated  Sample  II.  Predict  the  results  of  the  titrations. 

8.  Eight  drops  of  1.0  F  FeCl3  (30  drops  per  ml)  were  required  to  produce 
a  yellow  color  in  this  estimation.  Calculate  the  number  of  mg  of  Sn  present. 
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Analysis  of  the  Aluminum-Chromium  Group 

Be  sure  that  you  can  formulate  equations  for  the  reactions  whereby  each  ele- 
ment of  the  Aluminum-Chromium  Group  has  proceeded  from  the  fusion  of  P.  2 
to  the  solution  used  in  P.  71. 

P.  71.     Precipitation  of  the  Aluminum-Chromium  Group 

1.  Formulate  equations  for  the  reactions  occurring  when  the  elements  of 
the  Aluminum-Chromium  Group  are  precipitated. 

2.  Discuss  the  various  effects  obtained  by  neutralizing  the  acidic  sulfide 
solution  with  ammonium  hydroxide. 

3.  Explain  why  NaHS  is  used  in  this  procedure. 

P.  72.     Solution  of  the  Aluminum-Chromium  Group  Precipitate 
Detection  of  Chromium  and  Vanadium 

1.  Write  equations  for  the  formation  of: 
(a)  the  species  by  which  V  is  detected 
(6)   the  species  by  which  Cr  is  detected 

2.  Write  equations  for  the  reaction  of: 
(a)   Cr(VI)  with  H202  in  acid  solutions 
(6)   Cr(II)  with  H2O2  in  alkaline  solutions 

P.  73.     Separation  of  the  Aluminum  Group 
from  the  Chromium  Group 

1.  The  hydroxides  of  Cr(III)  and  V(IV)  are  insoluble  at  the  pH  at  which 
zinc  and  aluminum  are  precipitated;  why  do  these  hydroxides  not  precipitate? 

2.  Describe,  by  means  of  chemical  equations,  the  successive  changes 
which  take  place  when  a  solution  0.9  F  in  OH-  is  saturated  with  CO2.  What 
effect  does  the  change  in  pH  have  on  the  Al(III)  and  Zn(II)  originally  present 
in  the  solution? 

3.  Calculate  the  pH  of  a  solution,  initially  0.9  F  in  OH-,  after  it  is  satu- 
rated at  room  temperature  with  CO2  at  atmospheric  pressure. 

Analysis  of  the  Aluminum  Group 

P.  74.     Precipitation  of  Aluminum  as  Hydroxide 

1.  For  what  three  reasons  is  aluminum  precipitated  from  a  solution  satu- 
rated with  ammonium  chloride? 

2.  Calculate  the  pH  of  a  solution  made  by  mixing  0.5  g  of  NH4C1,  0.5  ml 
of  15  F  NH3,  and  5  ml  of  water. 
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P.  75.     Confirmatory  Text  for  Aluminum 

1.  Why  should  this  confirmatory  test  be  made? 

2.  Why  is  the  ammonium  carbonate  added  after  the  aluminum  color  has 
been  developed? 

P.  76.     Precipitation  and  Estimation  of  Zinc 

1.  Write  an  equation  for  the  reaction  taking  place  as  zinc  is  precipitated. 

2.  Calculate  the  number  of  rag  of  Zn  present  in  5  ml  of  a  solution  which 
required  7  drops  (30  drops  per  ml)  of  2  F  NaHS  to  precipitate  the  Zn. 

P.  77.     Confirmatory  Test  for  Zinc 

1.  Write  equations  for  the  various  reactions  which  occur  when  ZnS  is  dis- 
solved in  HC1  and  KC103  is  added. 

2.  Write  an  equation  for  the  formation  of  the  zinc  precipitate. 

3.  Why  must  any  iron  be  removed  from  the  solution  before  addition  of  the 

K4Fe(CX)6? 


Analysis  of  the  Chromium  Group 

P.  81.     Precipitation  of  Chromium  as  Lead  Chromate 

1.  What  will  be  the  effect  on  the  subsequent  analysis  of  this  group  if 
peroxide  is  not  removed  at  the  start  of  this  procedure? 

2.  Write  equations  which  will  explain  why  large  quantities  of  perox- 
ide can  be  eliminated  from  a  slightly  alkaline  solution  by  the  addition  of 
a  small  quantity  of  KMn04.  Could  the  same  effect  be  obtained  by  the  use  of 
(a)  Mn(N03)2,  (6)  MnCl2,  (c)  K2Mn04,  or  (d)  freshly  precipitated  Mn(OH)3? 

3.  What  would  be  the  effect  throughout  the  analysis  of  this  group  if  in 
this  procedure  the  final  H+  was  (a)  1  M  and  (b)  1  X  10~8  M? 

P.  82.     Confirmatory  Test  for  and  Estimation  of  Chromium 

1.  The  solubility  product  of  lead  chromate  is  2  X  10~14,  that  of  lead  sulfate 
2  X  10-8.  Considering  the  data,  explain  why  lead  chromate  is  metathesized 
to  lead  sulfate  in  this  procedure. 

2.  Predict  the  result  of  treating  a  lead  sulfate  precipitate  with  an  excess 
of  Na2Cr04. 

3.  Why  is  a  yellowish  color  in  the  H2S04  solution  not  proof  of  the  presence 
of  chromium? 
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P.  83.     Precipitation  of  Lead  Vanadate 

1.  Write  equations  describing  the  precipitation  of  lead  vanadate  in  this 
procedure. 

2.  Calculate  the  pH  resulting  if,  instead  of  adding  twice  as  much  CH3COO~ 
as  H+,  you  added  four  times  as  much  in  this  pH  adjustment.  What  would  be 
the  effect  on  the  precipitation  of  Pb(V03)2? 

P.  84.     Confirmatory  Test  for  and  Estimation  of  Vanadium 

1.  Write  equations  for  the  reactions  taking  place  when  H2SO4  is  added  to 
a  Pb(V03)2  precipitate. 

2.  Write  equations  for  the  reactions  taking  place  when  Na2S03  is  added 
to  the  H2SO4  solution.  (Assume  that  some  PbCr04  is  precipitated  with  the 
Pb(V03)2). 

3.  What  is  the  oxidation  state  of  vanadium  in  HV04?  What  is  the  name 
of  this  compound? 

4.  Write  an  equation  describing  the  formation  of  HVO4  in  this  procedure. 


Analysis  of  the  Acidic  Element  Group 

P.  101.     Precipitation  of  Silicon  and  Certain 
Amphoteric  Elements 

1.  Predict  the  behavior  in  the  analysis  of  the  Acidic  Group  of  each  of  the 
elements  listed  below  if  P.  101  were  omitted  and  the  6  ml  sample  from  the 
fusion  solution  treated  directly  by  P.  103.  (Assume  the  presence  of  all  of  the 
acidic  elements.) 

(a)  silicon  (b)  lead  (c)  copper  (d)  aluminum  (e)   zinc 

2.  Write  equations  for  the  reactions  taking  place  when  a  NaOH  solution 
containing  Si (IV)  and  Pb(II)  is  saturated  with  C02. 

3.  Make  an  approximate  calculation  of  the  pH  of  the  solution  after  the 
saturation  with  CO2. 

P.  102.     Separation  of  Silicon  as  Silicic  Acid 

1.  Based  on  the  behavior  of  silicon  in  this  procedure,  would  you  classify 
Si02  as  a  basic,  amphoteric,  or  acidic  oxide?  Explain. 

2.  Write  equations  describing  the  reactions  of  (a)  Pb(II),  (6)  Sn(IV), 
(c)  Cu(II),  and  (d)  Zn(II)  in  this  procedure. 
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Analysis  of  the  Halogen  Group 

P.  103.     Precipitation  of  tlie  Halogen  Group 

1.  Write  an  equation  describing  the  reaction  which  takes  place  when  a 
basic  solution  containing  nitrite  and  iodide  ions  is  acidified. 

2.  Write  equations  showing  the  reactions  of  P(V),  As(V),  Cr(VI),  and 
V(V)  in  this  procedure.  What  common  property  distinguishes  these  constitu- 
ents from  I(-I),  Br(-I),  and  Cl(-I)? 

3.  Calculate  the  number  of  mg  of  (a)  Br  and  (b)  I  which  could  be  precipi- 
tated by  the  0.7  ml  of  1.0  F  AgNC»3,  mentioned  as  the  maximum  volume  which 
should  be  required. 

P.  104.     Removal  of  Silver  as  Metal 

1.  Write  equations  for  the  reactions  occurring  when  zinc  metal  is  added 
to  an  ammoniacal  solution  of  AgCl  and  AgBr. 

Problems 

Problems  5  and  6,  P.  33,  are  appropriate  in  case  they  have  not  been  used 

1.  Calculate  the  formal  solubility  of  AgCl  in  6  F  NH4OH.  From  the  result, 
determine  the  number  of  milligrams  of  AgCl  which  can  be  dissolved  in  2  ml 
of  6  F  NH4OH.  Repeat  the  calculations  for  AgBr;  for  Agl. 

2.  Calculate  the  equilibrium  silver  ion  concentration  in  a  solution,  initially 
0.1  F  in  Ag(NH3)2+,  to  which  excess  zinc  metal  is  added.  (Assume  no  oxidation 
of  zinc  metal  by  water.) 

3.  A  precipitate  of  silver  chloride  and  silver  iodide  is  treated  with  5  ml  of 
an  ammonia  solution.  Calculate  (a)  the  minimum  concentration  of  ammonia 
required  to  dissolve  25  mg  of  chloride,  and  (b)  the  mg  of  iodide  dissolved. 
What  conclusions  can  be  drawn  from  these  values? 

P.  105.     Detection  and  Separation  of  Iodine 

1.  Write  an  equation  describing  the  formation  of  iodine  in  this  procedure. 

2.  It  is  noted  that  KN02  solutions  can  also  be  oxidized  by  the  oxygen  of 
the  air  or  by  potassium  permanganate  solutions;  write  equations  for  these 
reactions. 

3.  Why  must  the  acid  concentration  be  controlled  in  this  oxidation? 


oblem 

See  also  the  problems  following  Chapters  ^  and  5,  Section  I. 
1.   (a)  An  aqueous  solution  containing  25  mg  of  iodine 
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shaken  with  two  successive  3  ml  portions  of  CCU  until  attainment  of  phase 
equilibrium,  and  the  CC14  was  then  removed.  Calculate  the  mg  of  iodine 
remaining  in  the  aqueous  phase. 

(b)  A  similar  iodine  solution  was  shaken  with  one  3  ml  portion  and 
then  with  three  successive  1  ml  portions  of  CCU.  Again  calculate  the  iodine 
remaining  in  the  aqueous  phase.  What  conclusions  can  be  drawn  from  these 
results? 

P.  106.     Estimation  of  Iodine 

1.  What  would  happen  in  this  procedure  to  any  bromide  inadvertently 
oxidized  to  bromine  in  P.  105?  Illustrate  with  equations.  What  effect  would 
this  have  on  the  estimation  of  iodine? 

2.  Write  equations  for  the  reactions  taking  place  if  CCU  solutions  con- 
taining (a)  iodine,  (b)  bromine,  and  (c)  chlorine  were  shaken  with  NaOH 
solutions. 

3.  Write  an  equation  for  the  reaction  taking  place  when  an  aqueous 
chlorine  solution  is  exposed  to  bright  sunlight. 

4.  Write  equations  for  the  reactions  taking  place  when  a  pure  KI  solution 
is  saturated  with  air  and  allowed  to  stand. 

5.  An  estimation  of  iodine  was  made  by  P.  106  and  14  drops  (30  drops  per 
ml)  of  0.20  F  AgNOs  were  used.  Calculate  the  number  of  mg  of  iodine  present. 

P.  107.     Detection  and  Separation  of  Bromine 

1.  Write  an  equation  for  the  oxidation  of  bromide  by  permanganate. 

2.  Which  of  the  following  effects  are  involved  in  this  separation  of  bromine 
from  chlorine:  (a)  redox  potential,  (6)  phase  distribution,  (c)  reaction  rate, 
(d)  solubility,  and  (e)  temperature? 

3.  For  what  purpose  is  the  NaoS04  added? 

4.  Formulate  equations  for  the  reactions  occurring  when  any  (a)  brown 
precipitate  or  (6)  purple  color  is  removed  by  addition  of  the  KNO2. 

Problems 

1.  Assume  that  the  permanganate  is  reduced  to  Mn(II)  and  calculate  the 
volume  of  0.20  F  KMn04  required  to  oxidize  10  mg  of  bromide. 

2.  Assume  that  the  volume  of  the  solution  was  8  ml  and  that  the  initial 
pH  was  0.3  because  of  the  HNO3  present;  then  calculate  the  pH  after  adding 
2.0  gof  Na2SCvl0H2O. 

P.  108.     Confirmatory  Test  for  and 'Estimation  of  Bromine 

1.  Show  by  use  of  standard  potentials  that  nitrite  ion  can  act  as  a  reducing 
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agent  when  reacting  with  bromine  and  as  an  oxidizing  agent  when  reacting 
with  iodide. 

2.  Write  an  equation  for  the  reduction  of  bromine  with  KNO2  in  an  acid 
solution. 

3.  A  total  of  6  drops  (25  drops  per  ml)  of  0.20  F  AgNC>3  was  required  in 
the  estimation  of  bromine  in  this  procedure.  Calculate  the  mg  of  bromine 
present. 

P.  109.     Detection  and  Estimation  of  Chlorine 

1.  Why  is  0.2  F  AgN03  used  in  the  estimation  of  iodine  and  1  F  AgN03 
used  in  the  estimation  of  chlorine? 

2.  Calculate  the  number  of  mg  of  chlorine  present  in  a  5  ml  sample  if 
18  drops  (30  drops  per  ml)  of  a  1.0  F  AgN03  solution  were  required  in  this 
procedure. 

Analysis  of  the  Phosphorus  Group 

1.  Make  an  approximate  calculation  of  the  [PO.j~]  in  solutions  which  are 
(a)  1.0  X  10-2  F  in  H3PO4  and  0.50  M  in  H+  and  (6)  1.0  X  10~2  F  in  H3PO4 
and  5  X  10~5  M  in  H+. 

P.  111.     Precipitation  of  the  Phosphorus  Group 

1.  What  complications  arise  in  this  procedure  if  the  sample  has  been  fused 
and  chromium  or  vanadium  are  present? 

2.  Formulate  equations  for  the  reduction  of  Cr(VI)  and  V(V)  in  acid 
solutions  by  nitrite. 

3.  Write  equations  for  the  oxidations  of  chromium  and  vanadium  by 
peroxide  which  take  place  in  this  procedure. 

P.  112.     Removal  of  Silver  as  Chloride 

1.  What  solvent  effects  are  exhibited  by  the  nitric  acid-ammonium  chlo- 
ride mixture  used  to  dissolve  the  Phosphorus  Group  precipitate?  Why  is  HC1 
alone  not  used? 

P.  113.     Separation  of  Arsenic  and  Phosphorus  from 
Chromium  and  Vanadium 

1.  What  would  be  the  behavior  of  Cr(III)  and  V(IV)  in  this  procedure? 

2.  Both  silver  phosphate  and  silver  arsenate  are  insoluble;  why  not  use 
AgN03  to  precipitate  P(V)  and  As(V)? 
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3.  Calculate  the  pH  of  a  solution  initially  having  a  volume  of  5  ml  and 
containing  1  mg  of  phosphorus  as  phosphate  to  which  is  added  1.0  ml  of 
6  F  NH4OH,  0.50  g  of  NH4NO3,  and  3  ml  of  0.5  F  Mg(NO,)2. 

P.  114.     Separation  of  Arsenic  and  Phosphorus 

1.  Why  do  the  elements  of  a  column  of  the  periodic  table  show  a  general 
change  from  acidic  to  basic  properties  as  one  goes  down  the  column? 

2.  Write  equations  for  (a)  the  solution  of  the  arsenic  and  phosphorus 
precipitates  and  (b)  the  precipitation  of  the  arsenic  as  the  sulfide. 

P.  115.     Precipitation  of  Phosphorus  as 
Ammonium  Molybdophosphate 

1.  Write  an  equation  for  the  precipitation  of  the  ammonium  molybdophos- 
phate. 

P.  116.     Estimation  of  Phosphorus 

1.  In  carrying  out  the  estimation  of  phosphorus  by  this  procedure  37 
drops  of  6  F  NaOH  (30  drops  per  ml)  gave  an  intense  red  color  and  5  drops 
of  3  F  HXO3  just  caused  this  color  to  disappear.  Calculate  the  mg  of  phos- 
ohorus  present. 

Analysis  for  Sulfur  and  Fluorine 

P.  121.     Precipitation  of  Sulfur  as  Barium  Sulfate 

1.   Could  silver  be  removed  in  this  procedure  by  use  of  zinc  metal?  Explain. 

P.  122.     Precipitation  of  Fluorine  as  Calcium  Fluoride 

1.  Why  must  the  acid  (from  P.  121)  be  neutralized  before  precipitating 
fluorine? 

P.  123.     Confirmatory  Test  for  and  Estimation  of  Fluorine 

1.  Why  does  CaF2  dissolve  in  nitric  acid? 

2.  Calculate  the  number  of  mg  of  F  present  in  a  sample  which  takes 
11  drops  of  the  diluted  iron  test  solution  to  give  a  color  identical  to  the  one 
obtained  with  1  drop  in  the  absence  of  fluoride. 

Analysis  for  Nitrogen  and  Carbon 

1.  Explain  why  C02  and  N205  are  more  extensively  hydrated  and  form 
stronger  acids  than  do  CO  and  N2C»3,  respectively. 
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P.  131.     Detection  of  Trinegatire  Nitrogen 

1.  Explain  the  mass  action  principles  involved  in  the  separation  of  am- 
monia in  this  procedure. 

2.  Why  is  the  litmus  paper  which  is  used  to  detect  the  ammonia  mois- 
tened before  use? 

P.  132.     Confirmatory  Test  for  and  Estimation 
of  Trinegative  Nitrogen 

1.  Give  an  equation  for  the  formation  of  the  compound  by  means  of 
which  the  presence  of  ammonia  is  confirmed. 

P.  133.     Detection  and  Estimation  of  Positive  Nitrogen 

1.  Give  equations  for 

(a)  the  reduction  of  nitrate  with  zinc  in  alkaline  solution  and 

(b)  the  reduction  of  nitrite  with  zinc  in  alkaline  solution. 

2.  Calculate  the  [Al+  +  +]  in  a  solution,  1.0  molar  in  OH-  and  saturated 
with  A](OH)3.  Calculate  the  A1-A1+++  half-cell  potential  in  such  a  solution. 

P.  134.     Detection  and  Estimation  of  Carbonate  Carbon 

1.  Formulate  equations  for  the  reactions  which  occur  when  CaCOs  is 
treated  by  this  procedure. 


Part  II 


General  Questions 


1.  Samples  of  oxides  of  the  following  elements  were  treated  by  P.  2 
and  P.  3: 

(a)  Be  (c)   Sr  (e)   Co  (g)  Ge  (i)    Cd 

(b)  B  (d)  Sc  (/)  Ga  (h)  Se  (j)  Bi 

Give  your  opinion  as  to  which  elements  would  be  found  in  the  fusion  residue 
and  which  in  the  fusion  solution  of  P.  3;  give  the  formulas  of  the  resulting 
compounds  or  ions. 

2.  A  solid  which  has  as  constituents  any  or  all  of  the  Aluminum-Chromium 
Group  elements  in  any  of  their  stable  oxidation  states  was  dissolved  in  HNO3 
and  the  pH  adjusted  to  8-9  by  means  of  Na2C03.  This  resulted  in  a  white 
precipitate  (A)  and  a  yellowish  solution.  The  solution  was  acidified  with 
HNO3  and  3  drops  of  30%  H202  added.  A  transient  dark  blue  color  (B)  was 
formed;  this  changed  to  a  stable  orange  color  (C).  The  precipitate  (^4)  dis- 
solved when  added  to  a  NH4OH-NH4+  buffer  solution.  Which  of  the  Al-Cr 
Group  elements  were  present,  which  absent,  and  which  may  or  may  not  be 
present?  Identify  the  precipitate  (^4),  and  the  compounds  causing  colors  (B) 
and  (C). 

3.  Use  tabular  outlines  to  show  methods,  based  on  this  system  of  analysis, 
for  an  efficient  separation  of  the  anions  in  each  of  the  following  mixtures: 

(a)  AgBr,  Ag3As04,  AgCl 

(b)  K4Fe(CN)6,  KBr,  K2S04 

4.  The  pure  oxides  of  elements  11-17,  each  element  being  in  its  highest 
positive  oxidation  state,  are  added  to  separate  beakers  of  water,  (a)  Write 
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the  formula  and  name  of  each  oxide,  (b)  State  whether  each  oxide  reacts 
with  water,  (c)  If  reaction  with  water  occurs,  write  an  equation  for  the  reac- 
tion. State  whether  the  resulting  solution  will  be  acidic,  basic,  or  neutral. 
(d)  Arrange  the  oxides  in  order  of  decreasing  acidity.  Explain  the  reasons  for 
the  observed  order. 

5.  A  sample  contains  PbCr04,  Pb(V03)2,  Zn(OH)2.  How  would  you  detect 
and  estimate  the  Amphoteric  Group  elements?  Show  the  species  formed  at 
each  step  by  means  of  a  tabular  outline. 

6.  The  following  were  known  to  be  the  possible  constituents  of  a  sample 
to  be  analyzed: 

BaS04  AgN03  Zn(N03)2  NH4N03 

NaCl  Cu(N03)2  NH4VO3 

The  sample  was  dissolved  in  6  F  HN03,  giving  a  pale  blue-green  solution. 
Addition  of  NH4CI  solution  caused  a  white  precipitate,  which  was  filtered  out. 
Addition  of  NaOH  to  a  pH  of  8-9  caused  the  filtrate  to  have  a  dark  blue  color, 
but  had  no  other  visible  effect. 

Which  of  the  possible  constituents  were  present,  which  absent,  and  for 
which  was  insufficient  information  obtained  to  make  a  decision? 

7.  The  first  ionization  constant  in  aqueous  solution  of  hydrogen  sulfide  is 
10~7  and  that  of  hydrogen  selenide  is  10-4.  Account  for  this  difference. 

8.  A  solution  may  contain  alkali  metal  cations  and  any  or  all  of  the  fol- 
lowing but  no  other  anions :  CI-,  I-,  S04=,  Cr04=,  C03=.  Devise  separate  pro- 
cedures which  can  be  used  to  detect  each  of  these  anions. 

9.  Solutions  may  contain  either  or  both  of  the  ions  listed  in  the  following 
pairs  (the  anions  are  present  as  alkali  metal  salts,  the  cations  as  nitrates): 

(a)  S03=  S04=  (c)  F-  C03= 

(6)   Br-,  CI-  (d)  Mg++,  Mn++ 

Prepare  a  tabular  outline  showing  an  efficient  procedure  for  detecting  the 
ions  of  each  pair. 

10.  An  analyst  knew  that  a  solid  could  contain  approximately  equal  formula 
weights  of  any  or  all  of  the  following  compounds  (but  no  others) :  MgC03, 
AgNOs,  BaS04,  NiCl2,  Cu(N03)2. 

He  treated  the  solid  with  3  F  HN03;  a  colored  solution  and  white  residue 
resulted.  The  residue  dissolved  in  an  excess  of  3  F  NH4OH. 

He  added  to  the  colored  solution  an  excess  of  NaOH;  a  precipitate  resulted. 
He  added  an  excess  of  3  F  NH4OH  to  the  precipitate;  a  blue-violet  solution 
and  a  white  residue  resulted. 

Prepare  a  tabular  outline  showing  the  changes  which  could  take  place  at 
each  step. 

State  which  of  the  metallic  constituents  of  the  sample  are  present,  which 
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are  absent,  or  whether  the  information  available  is  inadequate  for  a  definite 
statement. 

11.  Show  by  tabular  outlines  how  you  would  separate  and  estimate  the 
cations  in  the  following  mixtures.  Be  able  to  write  equations  for  all  reactions 
involved. 

(a)  Oil,  Agl  (d)  A1203,  CrOs,  MgO 

(6)  CaC03,  Mg(OH)2,  Ti02  (e)   MnCl2,  SnCl2,  ZnCl2 

(c)    Cu(OH)2,  AgCl,  Nickel 
dimethylglyoxiine 

12.  Prepare  tabular  outlines  to  show  how  you  would  separate  the  Am- 
photeric Group  elements  of  the  two  mixtures  shown  below: 

(a)  Al(OH)3,  ZnCr04,  SnCb 

(b)  As203,  NH4V03.  PbO, 

13.  Samples  of  each  of  the  following  pure  compounds  were  placed  in  sep- 
arate bottles:  Fe(N03)2,  Mg(N03)8,  Ni(N03)2,  Sn(N03)2.  Pb(N03)2)  and 
Zn(N03)2.  Labels  for  each  bottle  were  prepared  but  before  being  affixed  they 
became  randomly  mixed.  Devise  simple  tests  which  would  enable  you  to  affix 
the  proper  labels  to  the  bottles. 
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Appendix  2 

The  Solubility- Product  Values  of  Certain  Slightly 
Soluble  Compounds  (at  Room  Temperature) 


See  Tables  G  and  7,  pp.  233  and  237  for  the  solubility  products  of 
certain  alkaline  earth  compounds.  The  values  below  have  been  taken 
from  various  sources,  and,  except  for  approximate  calculations,  should 
be  used  with  caution.  In  many  cases  they  appear  to  have  been  calcu- 
lated from  formal  solubility  values  without  corrections  for  activity  and 
hydrolysis  effects.  Considerable  experimental  difficulty  attends  the 
determination  of  the  solubility  of  very  slightly  soluble  salts,  especially 
sulfides,  and  widely  divergent  values  are  often  found  in  the  literature. 
In  some  cases  there  is  more  than  one  crystal  form  of  a  compound.  The 
concentration  units  used  here  are  moles  per  liter. 


Solubility 

Solubility 

Compound 

Product 

Compound 

Product 

Aluminum: 

Copper: 

Al(OH), 

10-33 

Cu(OH)2 

10-19 

Barium: 

CuBr 

4  X  10-8 

BaC03 

2  X  10-9 

CuCl 

1  x  10-6 

BaCr04 

3  X  10-10 

Cul 

4  X  10-12 

BaF2 

3  X  10-6 

CuSCN 

2  X  10"11 

Ba(OH)2 

IO"3 

CuS 

10-36 

BaC204 

3  X  10"7 

Iron: 

BaS04 

1  X  10"10 

Fe(OH)3 

10-38 

Cadmium: 
CdS 

10-26 

Fe(OH)2 

FeS 
Lead: 

10-16 
io-18 

Calcium: 

PbCr04 

2  X  10"14 

CaC03 

5  X  10~9 

PbCl2 

2  X  10"4 

CaF2 

3  X  10-11 

PbBr2 

7  X  IO"5 

Ca(OH)2 

1(T6 

PbF2 

5  X  IO"8 

CaC204 

2  X  10-9 

Pbl2 

1  X  10"8 

CaS04 

6  X  10"5 

PbC204 

3  X  IO"11 

Chromium: 

PbS04 

2  X  10"8 

Cr(OH)3 

10"30 

PbS 

io-» 

4,43 


444 


APPENDIX    2 


Compound 


Solubility 

Product 


Magnesium: 

MgC03 

MgF2 

Mg(OH)2 

MgC204 
Manganese: 

Mn(OH)2 

MnS 

Mercury: 
Hg2Br2 
Hg2Cl2 
Hg2I2 
Hg2S04 
HgS 

Nickel: 
Ni(OH)2 
NiS 

Silver: 

CH,COOAg 

AgBrOs 

AgBr 


3  X  10- 

-o 

8  X  10- 

-8 

9  X  10- 

12 

1  X  10" 

-5 

10" 

14 

10" 

11 

1  x  io- 

-21 

2  X  10" 

-18 

7  X  10- 

-29 

6  X  10- 

-7 

10" 

-54 

10" 

-14 

10" 

-21 

4  X  10" 

-3 

6  X  10- 

-5 

5  X  10" 

-If 

Compound 


Solubility 
Product 


Ag2C03 

5  X  10-12 

AgCl 

1.8  X  lO"10 

Ag2Cr04 

2  X  10-12 

Ag-Ag(CN), 

2  X  lO"12 

AgOH 

2  X  10"8 

Agl 

1  X  10"16 

AgI03 

3  X  10"8 

AgN02 

7  X  10-" 

Ag2C204 

5  X  10"12 

Ag2S04 

8  X  10~5 

AgSCN 

1  X  10"12 

Ag2S 

2  X  lO"49 

Strontium: 

SrC03 

7  X  10"10 

SrCr04 

3  X  10~5 

SrF2 

8  X  lO"10 

SrC204 

5  X  10"8 

SrS04 

5  X  lO"7 

Zinc: 

ZnC03 

3  X  lO"8 

Zn(OH)2 

10-" 

ZnS 

l0-24 
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Ionization  Constants  of  Acids  and  Bases  (25°  C)* 


Acid 

Formula 

Constant 

Acetic 

CH3COOH 

1.8  X  10-6 

Arsenic 

H3As04 

A'x 

5.6  X  10-3 

K2 

1.7  X  10"7 

K3 

3      X  10"12 

Arsenious 

H3As03 

K, 

6      X  10-10 

K2 

3      X  10"14 

Benzoic 

C6H5COOH 

6      X  10- 5 

Boric 

H3BO3 

6.4  X  10"10 

Carbonic 

H2C03 

K, 

3      X  10"7 

K2 

6      X  10"11 

Chromic 

H2Cr04 

K, 

1.8  X  10"1 

K2 

3.2  X  10"7 

Formic 

HCOOH 

2     X  10"4 

Hydrocyanic 

HCN 

2      X  10"9 

Hydrofluoric 

HF 

7.4  X  lO"4 

Hydrogen  Sulfide 

H2S 

K, 

1.1  x  10-7 

K2 

1.0  x  10-14 

Hypochlorous 

HCIO 

lO"8 

Nitrous 

HN02 

4.5  X  lO"4 

Oxalic 

H2C204 

K, 

6      X  10~2 

K2 

6      X  10"5 

Phosphoric 

H3PO4 

K, 

7.5  X  10"3 

K2 

2      X  lO"7 

K3 

5      X  10"13 

Phosphorous 

H3P03 

K, 

5      X  10"2 

Sulfuric 

H2S04 

K2 

1.2  X  10-2 

Sulfurous 

H2S03 

K, 

1.3  X  10"2 

K2 

5      X  10"6 

Base 

Ammonium  hydroxide 

NH4OH 

1.8  X  10"5 

The  concentration  units  used  are  moles  per  liter. 
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Dissociation  Constants  of  Complex  Ions  {Including1 
Hydroxide  and  Sulfide  Complex  Ions) 

These  values  should  be  used  only  to  give  the  approximate  magnitude 
of  the  indicated  effect.  Often,  the  experimental  values  are  uncertain; 
frequently,  as  is  indicated  by  the  silver-chloride  complexes,  the  system 
is  complicated  by  the  formation  of  more  than  one  complex  compound, 
and,  in  addition,  these  compounds  are  formed  only  at  such  high  con- 
centrations that  activity  values  are  very  uncertain.  The  concentration 
units  used  are  moles  per  liter. 

Dissociation 
Complex  Ion  Constant 

Al(OH)4    =  Al(OH)s(s)  +  OH- 
Sb(OH)4-  =  Sb(OH)3(.?)  +  OH- 
Cd(NH3)4++  =  Cd++  +  4NH3 
Cr(OH)4-  =  Cr(OH)3(.s)  +  OH~ 
Cu(CN)3=  =  Cu+  +  3CN- 
Cu(NH3)2+  =  Cu+  +  2NH3 
Cu(NH3)4++  =  Cu++  +  4NH3 
CuBr+  =  Cu++  +  Br" 
CuCl+  =  Cu++  +  Cl- 
FeBr++  =  Fe+++  +  Br~ 
FeCl++  =  Fe+++  +  Cl~ 
FeOH++  =  Fe+++  +  OH- 
FeSCN++  =  Fe+++  +  SCN~ 
Fe(SCN)2+  =  FeSCN++  +  SCN~ 
Pb(OH)r  =  Pb(OH)2(s)  +  OH- 
HgCl4-  =  Hg++  +  4C1- 
HgCl4=  =  HgCl2  +  2C1- 
Hgl4=  =  Hg++  +  41- 
HgSr  =  Hg++  +  2S= 
Ni(NH3)4++  =  Ni++  +  4NH3 
SiF6=  =  SiF4(</)  +  2F- 
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2 

x  10- 

■2 

10" 

-3 

2 

x  10- 

102 

-7 

5 

x  10- 

-28 

1 

x  10- 

11 

5 

x  10- 

14 

0.5 

0.8 

2.5  X  10- 

-1 

5.0  X  10" 

-2 

1.7  X  10- 

-10 

7.3  X  10- 

-3 

41 

50 

1 

x  10- 

-16 

1 

x  10- 

-2 

5 

x  10- 

-31 

2 

x  10- 

-55 

5 

x  10- 

-8 

2 

x  10- 

15 
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Dissociation 

Complex  Ion 

C. 

Dnstant 

Ag(NH3)+  =  Ag+  +  NH3 

4 

X  10"4 

Ag(NH3)2+  =  Ag+  +  2NH3 

6.8  X  lO-8 

AgCl2-  =  Ag+  +  2C1- 

6 

x  io-« 

AgCl3=  =  Ag+  +  3C1- 

5 

X  10"6 

Sn(OH),"  =  Sn(OH)2(s)  +  OH" 

2 

x  103 

Sn(OH)6=  =  Sn(OH)4(s)  +  20H- 

5 

x  103 

Zn(NH3)4++  =  Zn++  +  4NH3 

3 

x  i<r10 

Zn(OH)4=  =  Zn(OH)2(s)  +  20H" 

10 

Appendix  5 

Standard  and  Formal*  Half-Cell  Potentials  {at  25°) 


For  a  general  discussion  of  oxidation-reduction  reactions,  see  Chapter 
4.  The  table  below  includes  values  of  the  half -cell  potentials  which 
have  been  utilized  in  this  system  of  analysis  or  which  are  of  general 
importance.  For  a  comprehensive  treatment  of  the  potentials  of  the 
elements  in  their  various  oxidation  states,  see  Latimer,  Oxidation 
Potentials,  2nd  ed.,  Prentice-Hall,  1952. 


Potential* 

Reaction 

E0  (volts) 

K(s)  =  K+  +  e- 

+  2.92 

Ba(«)  =  Ba++  +  2e~ 

2.9 

Sr(«)  =  Sr++  +  2e- 

2.9 

Ca(«)  =  Ca++  +  2e- 

2.87 

Na(s)  =  Na+  +  e" 

2.71 

Al(«)  +  40H"  =  Al(OH)r  +  3e- 

2.35 

Mg(s)  =  Mg++  +  2e- 

2.34 

Al(«)  =  A1+  +  +  +  3e- 

1.67 

Zn(*)  +  40H"  =  Zn(OH)4=  +  2e~ 

1.22 

Zn(«)  =  Zn++  +  2e- 

0.76 

Fe(OH)2(s)  +  OH"  =  Fe(OH)3(s)  +  e" 

0.56 

S-  =  SO)  +  2e- 

0.51 

H2C204  =  2C02(^)  +  2H+  +  2e~ 

0.49 

Fe(*)  =  Fe++  +  2e~ 

0.44 

Cd(«)  =  Cd++  +  2e- 

0.398 

Ni(«)  =  Ni++  +  2e~ 

0.23 

Sn(a)  =  Sn++  +  2e~ 

0.14 

Pb(*)  =  Pb++  +  2e- 

0.12 

Cr(OH)3  +  50H"  =  CrOr  +  4H20  +  3e~ 

0.12 

Ki(g)  =  2H+  +  2e" 

0.000 

SnClr  +  2C1"  =  SnCl6=  +  2e"  (1  F  HC1) 

-0.14* 

H£(g)  =  S(s)  +  2H+  +  2e- 

-0.14 

Cu+  =  Cu++  +  e- 

-0.153 

H2S03  +  H20  =  S04=  +  4H+  +  2e~ 

-0.17 

2Hg(Z)  +  2C1"  =  Hg2Cl2M  +  2e- 

-0.269 

Cu(«)  =  Cu++  +  2e- 

-0.337 
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Potential* 

Reaction  EQ  (volts) 

Fe(CN)6s  =  Fe(CN)6s  +  e~  -0.36 

Ag(«)  +  2NH,  =  Ag(NH3)2+  +  e~  -0.37 

S(«)  +  3H20  =  H2S03  +  4H+  +  4e~  -0.45 

21-  =  I2{s)  +  2e~  -0.536 

31-  =  I3-  +  2e~  -0.536 

H3As03  +  H20  =  H3As04  +  2H+  +  2e~  -0.56 

Mn04=  =  MnOr  +  e~  -0.6 

Hg2Cl2(s)  +  2C1-  =  2HgCI2  +  2e-  -0.63 

H202  =  02  +  2H+  +  2e-  -0.68 

Fe++  =  Fe+++  +  e~  (1  F  HC1)  -0.70* 

Fe(CN)6=  =  Fe(CN)6s  +  e"  (1  F  HC1)  -0.71* 

Fe++  =  Fe+++  +  e"  -0.78 

Ag(s)  =  Ag+  +  e~  -0.80 

Cul  =  Cu++  +  I-  +  e"  -0.86 

HN02  +  H20  =  3H+  +  N03-  +  2e~  -0.94 

NO(ff)  +  2H20  =  N03-  +  4H+  +  3e~  -0.96 

NO(jr)  +  H20  =  HN02  +  H+  +  e-  -0.98 

VO++  +  3H20  =  V(OH)4+  +  2H+  +  e-  -1.00 

2Br-  =  Br2(Z)  +  2e"  -1.07 

I- +  SHjO  =  IO,- +  6H+ +  6e~  -1.08 

CIO,(j)  +  H20  =  CIO,"  +  2H+  +  e-  -1.21 

2H20  =  Ot(g)  +  4H+  +  4e~  -1.23 

Mn++  +  2H20  =  Mn02(s)  +  4H+  +  2e~  -1.24 

2Cr+  +  +  +  7H20  =  Cr207=  +  14H+  +  6e-  -1.3 

2C1-  =  Cl2(g)  +  2e"  -1.36 

Ce+++  =  Ce++^-  +  e~(lF  H2S04)  - 1.44* 

Mn++  +  4H20  =  Mn04-  +  8H+  +  5e~  -1.45 

CI-  +  3H20  =  ClOr  +  6H+  +  6e-  -1.45 

Cl2(jf)  +  6H20  =  2C10,-  +  12H+  +  lOe"  -1.47 

Pb++  +  2H20  =  Pb02(*)  +  4H+  +  2e~  -1.47 

CI-  +  H20  =  HCIO  +  H+  +  2e-  -1.50 

Br2  +  6H20  =  2BrO,-  +  12H+  +  10e~  -1.52 

2Bi+++  +  5H20  =  Bi206(s)  +  10H+  +  4e~  -1.7 

2H20  =  H202  +  2H+  +  2e~  -1.77 

2F-  =  F2(fir)  +  2e-  -2.87 

*  Starred  values  are  formal  potentials;  these  are  potentials  measured  when  the  concentrations 
of  reductant  and  oxidant,  as  well  as  any  other  reactants  or  species  shown,  are  1  formal.  Formal 
potentials  are  of  value  when  standard  potentials  cannot  he  evaluated  because  of  lack  of  informa- 
tion regarding  the  complex  ions  or  hydrolysis  products  present  in  the  solution. 


Appendix  6 

Water  Solubility  of  Various  Compounds 


The  following  rules  concern  the  solubility  in  water  of  various  com« 
pounds.  They  are  given  to  provide  the  student  with  certain  gener- 
alizations which  may  be  helpful  in  organizing  the  facts  of  inorganic 
chemistry. 

1.  The  alkali  metal  ions  (column  la)  and  ammonium  ion  (NH4+),  which  is 
similar  to  potassium  ion  in  its  properties,  form  salts  and  hydroxides  which 
are  relatively  soluble. 

2.  The  halides  (column  Vila)  are  usually  soluble;  exceptions  are  the  chlo- 
rides, bromides,  and  iodides  of  Ag+,  Hg2++,  and  Pb++,  and  the  fluorides  of 
the  alkaline  earth  metals  below  beryllium. 

3.  The  hydroxides  are  relatively  insoluble,  with  the  exception  of  those  of 
the  alkali  metals  and  the  alkaline  earth  metals  below  magnesium. 

4.  The  metallic  sulfides  are  insoluble  with  the  exception  of  those  of  the 
alkali  and  alkaline  earth  metals.  (Aluminum  and  chromium  sulfides  hydrolyze 
in  water  to  give  the  corresponding  hydroxide  and  H2S.) 

5.  The  carbonates,  phosphates,  and  arsenates  are  insoluble  with  the  ex- 
ception of  those  of  the  alkali  and  alkaline  earth  metals.  Since  they  are  salts 
of  weak  acids,  their  solubilities  increase  with  increase  in  acidity. 

6.  The  nitrates  and  perchlorates  are  relatively  soluble,  with  the  exception 
of  potassium  perchlorate. 

7.  The  sulfates  are  soluble  with  the  exception  of  those  of  Pb(II)  and  the 
alkaline  earth  metals  below  calcium. 
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Appendix  7 

Reagent  List 


The  concentrations  and  method  of  preparation  of  the  various  solutions 
and  reagents  required  in  this  system  of  analysis  are  given  below. 

In  preparing  the  reagents  indicated  below,  only  the  best  available 
chemicals  should  be  used.  The  percentage  composition  and  specific 
gravity  of  the  concentrated  acids  of  various  manufacturers  may  vary 
slightly  from  those  stated,  but  not  sufficiently  to  necessitate  an  ad- 
justment of  the  amounts  given  below. 


Solutions  of  Acids 

Acetic,  6  F:  Mix  350  ml  of  99.5%  acid  with  650  ml  of  water. 

Hydrochloric,  12  F:  Use  36%  acid  of  s.g.  1.19. 

Hydrochloric,  6  F:  Mix  12  F  HC1  with  an  equal  volume  of  water. 

Nitric,  16  F:  Use  69%  acid  of  s.g.  1.42. 

Nitric,  6  F:  Mix  380  ml  of  HN03  (s.g.  1.42)  with  620  ml  of  water. 

Phosphoric,  15  F:  Use  85%  acid  of  s.g.  1.7. 

Sulfuric,  9  F:  Add  95%  acid  of  s.g.  1.84  to  an  equal  volume  of  water.  Caution!! 

see  p.  155. 
Sulfuric,  3  F:  Pour  95%  H2SO4  into  five  volumes  of  water.  Caution! 


Solutions  of  Bases 

Ammonium  hydroxide,  15  F:  Use  the  28%  NH3  product  of  s.g.  0.90. 
Ammonium  hydroxide,  6  F:  Mix  400  ml  of  15  F  NH4OH  with  600  ml  of  water. 
Potassium  hydroxide,  6  F:  Add  to  400  g  of  KOH  enough  water  to  make  the 

volume  1  1. 
Sodium  hydroxide,  6  F:  Add  to  255  g  of  95%  NaOH  enough  water  to  make  the 

volume  1  1. 
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Solutions  of  Salts 


Formal 

Grams 

Concen- 

per 

Salt 

tration 

Formula 

liter1 

Ammonium  acetate 

3 

CH3COONH4 

235 

Ammonium  chloride 

3 

NH4C1 

160 

Ammonium  sulfate 

3 

( XH4)2S04 

395 

Barium  nitrate 

0.25 

Ba(N03)2 

65 

Barium  hydroxide 

0.2 

Ba(OH)2-8H20 

63 

Calcium  nitrate 

0.5 

Ca(N03)2-4H20 

118 

Ferric  chloride 

1 

FeCl3-6H20 

270 

Lead  nitrate 

0.5 

Pb(N03)2 

165 

Magnesium  nitrate 

0.5 

Mg(N03)2-6H20 

128 

Magnesium  perchlorate 

3 

Mg(C104)2 

670 

Mercuric  chloride 

0.2 

HgCl2 

5i 

Potassium  chromate 

1.5 

K2Cr04 

292 

Potassium  ferroeyanide 

0.25 

K4Fe(CN)6-3H20 

106 

Potassium  iodide 

1 

KI 

166 

Potassium  nitrite 

6 

KN02 

600 

Potassium  oxalate 

1.5 

K2C204H20 

276 

Potassium  permanganate 

0.2 

KMn04 

32 

Potassium  thiocyanate 

1 

KSCN 

98 

Potassium  dihydrogen 

phosphate 

1 

KH2P04 

137 

Silver  nitrate 

1 

AgN03 

170 

Sodium  carbonate 

1.5 

Na2C03 

159 

Sodium  nitrate 

1 

NaN03 

85 

1  AYhen  the  commercial  product 

may  be  wet, 

or  of  uncertain  composition,  the 

weight  in  grams 

may  exceed  the  stoichiometric  quantity. 


Special  Reagents 


Ammonium  aurin  tricarboxylate,  0.0024  F  (0.1%).  Dissolve  1  g  of  ammonium 

aurin  tricarboxylate  (Aluminon),  (NH4)2C22Hi209,  in  1  1  of  water. 
Ammonium  carbonate,  3  F.  Dissolve  250  g  of  freshly  powdered  "ammonium 

carbonate"  in  enough  cold  6  F  XH4OH  to  make  the  volume  1  1. 
Ammonium  molybdate,  1.5  F  in  (NH4)2Mo04,  3  F  in  XH4OH.  Dissolve  270  g 

of  the  pure  ammonium  molybdate  of  commerce,   (XIDe^lorC^^H^O,  in 

500  ml  of  6  F  XH4OH,  and  dilute  the  solution  to  1  1. 
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Dimethylglyoxime,  0.1  F.  Dissolve  12  g  of  the  solid  in  1  1  of  95%  C2H5OH. 

Hydrogen  peroxide,  1  F  (3%). 

Hydrogen  peroxide,  10  F  (30%). 

Magnesium  uranyl  acetate,  1.5  F  in  Mg(CH3COO)2,  0.25  F  in  U02(CH3COO)2, 
and  2  F  in  CH3COOH.  Dissolve  100  g  of  U02(CH3COO)2-2H20  and  120  ml 
of  99.5%  CH3COOH  in  water,  add  330  g  of  Mg(CH3COO)2-4H20,  and 
dilute  to  1  1.  Filter  if  the  solution  is  not  clear  after  1  or  more  days. 

Paranitrobenzene  azoresorcinol,  0.01  F  (0.5%).  Dissolve  2.5  g  of  the  com- 
pound in  1  1  of  0.3  F  NaOH.  (This  reagent  deteriorates;  prepare  as  needed.) 

Potassium  mercuric  iodide,  0.25  F  in  K2HgI4,  3  F  in  NaOH.  Dissolve  115  g  of 
Hgl2  and  80  g  of  KI  in  enough  water  to  make  the  volume  500  ml;  add  500  ml 
of  6  F  NaOH;  decant  the  solution  from  any  precipitate  that  may  form  on 
standing.  Keep  in  a  dark  bottle. 

Sodium  cobaltinitrite,  0.1  F  in  Na3Co(N02)6,  3  F in  NaN02,  1  F  in  CH3COOH. 
Dissolve  230  g  of  NaN02  in  500  ml  of  water,  add  165  ml  of  6  F  CH3COOH 
and  30  g  of  Co(X03)2  ■  6H20,  let  the  mixture  stand  overnight,  filter  or  decant 
the  solution,  and  dilute  it  to  1  1.  (This  reagent  deteriorates;  prepare  as 
needed.) 

Sodium  hydrogen  sulfide,  2  F.  Immerse  in  ice  water  a  liter  bottle  containing  a 
solution  made  by  dissolving  175  g  of  Na2S-5H20  in  500  ml  of  water  and 
saturate  the  solution  with  H2S.  Add  4  g  of  NaOH  to  the  solution  and  dilute 
to  1  1. 

Thioacetamide,  1  F:  Dissolve  75  g  in  1  1  of  water. 


Pure  Liquids 

Alcohol,  ethyl  (ethanol),  95%. 
Carbon  tetrachloride. 


Gas 

Carbon  dioxide:  Provision  for  crushed  "dry  ice";  otherwise  use  tank  with 
reducing  or  needle  valve  allowing  close  control  of  gas  flow,  or  a  generator. 


Indicators 

Solution 

Phenolphthalein:  Dissolve  2  g  of  the  solid  in  1  1  of  95%  ethanol. 
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Papers 

Litmus:  blue  and  red  strips 
Wide-range  pH  papers. 


Solids 

Ammonium  carbonate 

Ammonium  chloride 

Ammonium  nitrate 

Bismuth  dioxide  (sold  also  as  sodium  bismuthate) 

Calcium  oxide 

Devardo's  alloy,  or  aluminum  turnings 

Glass  beads 

Glass  wool  (Pyrex  No.  800  fiber  or  equivalent) 

Lead  (granular  or  test,  see  Discussion,  P.  65) 

Sodium  carbonate  (anhydrous) 

Sodium  chlorate 

Sodium  chloride 

Sodium  hydroxide,  pellets 

Sodium  nitrate 

Sodium  sulfate  (decahydrate) 

Sodium  sulfite 

Zinc  (20  mesh) 


Suspension 

Asbestos  fibers:  Purchase  a  washed  and  ignited  long-fiber  asbestos  of  the 
amphibole,  nonhydrated  type.  Cut  into  lengths  of  about  0.5  cm  and  triturate 
with  a  little  water  in  a  mortar  until  all  large  particles  are  disintegrated.  Heat 
with  6  F  HC1  for  several  hours,  filter  on  a  Biichner  funnel,  and  wash  free  of 
chloride.  Shake  with  water  and  decant  and  discard  the  very  fine  powdery 
material.  Resuspend  the  remainder  in  sufficient  water  to  make  a  thin  sus- 
pension for  general  use. 


Appendix  8 

Preparation  of  the  Known  Solutions 

It  is  desirable  that  the  standard  "known"  solutions  be  available  for 
the  use  of  the  instructor  in  preparing  "unknowns";  for  the  student  in 
preparing  "known  solutions"  for  practice  analysis;  and  for  compari- 
sons in  order  to  obtain  estimates  of  the  amounts  of  constituents  which 
have  been  detected.  For  convenience  in  storage,  these  are  prepared  as 
"stock  known  solutions,,  which  contain  100  mg  per  ml  of  the  stated 
element.  In  a  few  cases  (indicated  by  the  letters  In)  where  the  sub- 
stance is  not  sufficiently  soluble,  the  stock  solution  is  made  to  contain 
50  mg  of  the  element  per  ml.  In  some  cases  only  the  known  solution  is 
provided.  The  oxidation  state  should  appear  on  the  label,  thus — 
Fe(III)  100  mg/ml.  In  certain  cases  more  than  one  oxidation  state 
is  provided.  These  stock  known  solutions  are  diluted  to  give  the 
"known  solutions"  of  10  mg  per  ml  for  the  reagent  shelf. 

To  prepare  the  stock  known  solutions  of  the  elements  shown  in  the 
first  column  of  the  following  table,  proceed  as  follows:  weigh  out  the 
number  of  grams  indicated  in  the  column  "Grams  per  liter"  of  the 
powdered  salt  whose  formula  is  given  in  the  middle  column;  add  enough 
water  (or  acid  when  so  stated  in  the  footnote)  to  make  the  volume  one 
liter;  where  required,  special  instructions  are  given  as  footnotes. 

To  prepare  the  known  solutions,  which  contain  10  mg  of  the  element 
per  ml,  dilute  the  stock  solutions  containing  100  mg/ml  with  nine 
times  their  volume  of  distilled  water.  Dilute  those  with  50  mg  of  the 
element  per  ml  with  four  times  their  volume  of  water  to  yield  the 
known  solution.  The  purest  salts  that  can  be  purchased  should  be 
employed  for  the  solutions.  In  the  following  table  the  sequence  of  ele- 
ments is  that  of  this  system  of  analysis. 
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Element 

(Arranged  in 

Grams 

order  of 

Formula 

per 

detection) 

of  salt 

liter 

Fe(III) 

Fe(N03)3-9H>0 

725 

Mn(VII) 

KMn04 

28.4° 

Mn(II) 

Mn(N03)2-6H20 

530 

Ti(IV) 

K2TiO(C204)2-2H20 

746 

Ba(II) 

Ba(N03)2 

92/n 

Ca(II) 

Ca(N03)2-4H20 

590 

Mg(II) 

Mg(N03)2-6H20 

530>» 

Ag(I) 

AgN03 

158 

Cu(II) 

Cu(N03)2-3H20 

380 

Ni(II) 

Ni(N03)2-6H20 

500 

Na(I) 

NaCl 

254 

K(I) 

KC1 

190 

Pb(II) 

Pb(N03)2 

160 

As(V) 

As205 

150 

Sn(IV) 

SnCl4-3H20 

270<= 

Al(III) 

A1(N03)3-9H20 

700"* 

Zn(II) 

Zn(N03)2-6H20 

455 

Cr(III) 

Cr(N03)3-9H20 

770 

Cr(VI) 

K2Cr04 

374 

V(V) 

NH4V03 

23d 

Si(IV) 

Na2Si03-9H20 

240'  /» 

K-I) 

KI 

130 

Br(-I) 

KBr 

150 

Cl(-I) 

NaCl 

165 

P(V) 

KH2P04 

220'" 

S(VI) 

(NH4)2S04 

410 

F(-I) 

KF  2H20 

500/ 

C(IV) 

Na2C03 

44" 

N(-III) 

NH4C1 

185"» 

N(V) 

NaN03 

610 

°  Known  solution  (10  mg/ml).  Keep  in  dark  bottles. 

6  Known  solution  (10  mg/ml);  stock  solution  cannot  be  prepared.  Add  salt  to  250  ml  of 
18  FH2S04.  Boil  until  the  oxalate  is  decomposed  as  shown  by  no  more  evolution  of  small  C02 
bubbles.  (Caution,  foaming  occurs.  Do  not  fume  or  heat  at  a  higher  temperature  than  is  required 
to  decompose  the  oxalate;  otherwise  a  resistant  precipitate  forms.)  Cool  to  room  temperature. 
If  the  solution  is  dark  colored  (it  should  be  water  white  to  a  pale  straw  color)  add  2-4  ml  of  30% 
H202,  heat  until  all  the  peroxide  and  peroxide  complex  is  decomposed,  and  again  cool  to  room 
temperature.  Pour  rapidly  into  500  ml  of  water  which  is  being  rapidly  stirred.  Dilute  to  1  liter 
to  make  known  solution  of  10  mg/ml.  Filter  into  a  storage  bottle.  Prepare  only  a  1  to  3  months 
supply;  precipitation  may  occur  on  standing. 

c  Dissolve  in  6  F  HC1;  dilute  with  2  F  HO  to  make  known  solution. 

■*  Dissolve  in  0.3  F  NaOH  to  give  known  solution  (10  mg/ml). 

'  Dissolve  in  0.3  F  NaOH  to  give  stock  solution. 

/  Add  10  ml  of  6  F  NaOH  and  keep  in  polyethylene  bottle. 

'  Known  solution  of  10  mg  C  per  ml. 

In  Stock  solution  contains  50  mg  of  the  element  per  ml  because  of  solubility  difficulties. 
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Instructions  Regarding  Unknowns 
and  Comparison  Knowns 

A.  Titanium  Group  (Fe,  Mn,  Ti) 

Unknown:  Take  10  ml  of  the  unknown  solution  for  analysis.  Each  10  ml 
will  contain  4  ml  of  9  F  H2S04  and  3  g  of  Xa2S04  •  10H2O  and  one  or  more  of  the 
Titanium  Group  elements.  The  unknown  is  identical  in  composition  with  the 
solution  of  a  Titanium  Group  precipitate  obtained  by  P.  12. 

Comparison  Known:  Add  3  g  of  Xa2SO410H2O  to  a  15  ml  test  tube,  then 
add  slowly  4.0  ml  of  9  F  sulfuric  acid.  Finally  add  1.0  ml  each  of  the  Fe(III), 
Mn(II),  and  Ti(IV)  known  solutions.  These  are  available  on  the  side  shelf. 
Dilute  to  10  ml  in  a  10  ml  graduate.  Mix  thoroughly  and  pour  into  a  15  ml 
test  tube.  Label  the  test  tube  and  all  other  containers  in  which  you  may 
store  solutions.  Stopper  all  test  tubes  or  other  containers  of  solutions  with 
clean  rubber  stoppers. 

Analysis:  Study  Tabular  Outline  5  and  P.  13-15,  and  then  begin  the 
analyses  of  the  known  and  unknown  solutions  with  P.  13.  p.  226.  Perform 
each  step  first  with  the  known  solution,  carefully  noting  and  recording  what 
takes  place;  then  carry  out  the  same  step  with  your  unknown,  and  again 
record  and  interpret  what  is  observed. 

Report  the  results  of  your  analysis  as  instructed. 


B.  Alkaline  Earth  Group  (Ba,  Ca,  Mg) 

Unknown:  Take  3  ml  of  the  unknown  for  analysis.  Each  3  ml  will  contain 
2  ml  of  3  F  HXO3,  and  will  be  identical  with  the  solution  obtained  by  treating 
in  Alkaline  Earth  Group  precipitate  by  the  first  paragraph  of  P.  22. 

Comparison  Known:  Add  to  a  15  ml  test  tube  1  ml  of  6  F  HXO3  and  0.5  ml 
of  H2O;  then  add  0.5  ml  of  each  of  the  known  solutions  of  Ba(II),  Ca(II),  and 
Mg(II). 

Analysis:  Begin  the  analyses  of  the  two  solutions  with  the  second  para- 
graph of  P.  22,  p.  241. 

Report  the  results  of  the  analysis  as  instructed. 
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C.  Metal  Ammine  Group  (Ag,  Cu,  Ni) 

Unknown:  Take  4  ml  of  the  unknown  for  analysis.  Each  4  ml  will  contain 
2  ml  of  3  F  HN03,  and  one  or  more  elements  of  the  group.  The  solution  will  be 
identical  with  that  obtained  by  treating  a  Metal  Ammine  Group  precipitate 
by  the  first  paragraph  of  P.  32. 

Comparison  Known:  Add  to  a  15  ml  test  tube  1  ml  of  6  F  HN03  and  1.5  ml 
of  water;  then  add  0.5  ml  of  each  of  the  known  solutions  of  Ag(I),  Cu(II), 
and  Ni(II). 

Analysis:  Begin  the  analyses  with  the  second  paragraph  of  P.  32,  p.  259. 

Report  the  results  of  the  analysis  as  instructed. 


D.  Sulfide  Group  (Pb,  Cu,  As,  Sn) 

(Read  the  Discussions  on  pages  277-290  and  study  Tabular  Outlines  9,  10, 
11,  and  12,  together  with  the  accompanying  Flow  Sheets,  before  coming  to 
the  laboratory.) 

Unknown:  Take  5  ml  of  the  unknown  for  analysis.  Each  5  ml  will  contain 
approximately  20  milliformula  weights  of  NaOH  and  2  milliformula  weights 
of  Na2C03  and  one  or  more  of  the  elements  of  the  group.  The  solution  will  be 
similar  to  that  obtained  by  treatment  of  the  fusion  melt  with  water  by  P.  3. 

Comparison  Known:  Add  to  a  50  ml  flask  3.5  ml  of  6  F  NaOH  and  1.0  ml  of 
1.5  F  Na2C03;  then  add  0.25  ml  each  of  the  known  solutions  of  Pb(II),  Cu(II), 
As(V),  and  Sn(IV).  Ignore  any  precipitate. 

Analysis:  Begin  the  analyses  of  the  two  solutions  with  P.  51,  p.  290. 

Report  the  results  of  the  analysis  as  instructed. 


E.  Aluminum- Chromium  Group  (Al,  Zn,  Cr,  V) 

Unknown:  Take  5  ml  of  the  unknown  for  the  analysis.  Each  5  ml  will  con- 
tain 2  ml  of  6  F  HNO3  and  one  or  more  of  the  elements  of  the  group.  The  solu- 
tion will  be  similar  to  that  resulting  from  dissolving  the  group  precipitate  by 
the  first  two  paragraphs  of  P.  72. 

Comparison  Known:  Add  to  a  50  ml  flask  2  ml  of  6  F  IIN03.  Then  add 
0.25  ml  of  Al(III)  and  0.5  ml  each  of  the  Zn(II),  Cr(III),  and  V(V)  known 
solutions. 

Analysis:  Transfer  the  unknown  to  a  50  ml  flask  with  the  aid  of  0.5  ml  of 
water.  Begin  the  analyses  of  the  solutions  with  the  third  paragraph  of  P.  72, 
"Detection  of  Vanadium,"  p.  324. 

Report  the  results  of  your  analysis  as  directed. 
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F.  Acidic  Element  Group 

Unknown:  Take  7  ml  of  the  unknown  for  the  analysis.  (In  order  to  save 
time,  amphoteric  elements  and  silicon  can  be  assumed  to  be  absent.)  Each 
7  ml  of  the  unknown  will  contain  approximately  10  miliiformula  weights  of 
Na2C03  and  will  be  similar  to  the  solution  obtained  by  treatment  of  the  solu- 
tion of  a  fusion  product  with  C02  by  P.  101. 

Comparison  Known:  Add  to  a  15  ml  test  tube  3.5  ml  of  6  F  NaOH  and  1.0  ml 
of  1.5FNa2COs;  then  add  0.5  ml  each  of  the  known  solutions  of  I(  — I), 
Br(-I),  Cl(-I),  P(V),  S(VI),  and  F(-I). 

Analysis:  Begin  the  analyses  of  the  solutions  by  P.  103.  (Be  careful,  the 
HNO3  will  cause  vigorous  effervescence.) 

Report  your  results  as  instructed. 


G.  Soluble  Basic  Element  Group  (Na,  K) 

Unknoivn:  The  unknown  will  be  a  solid. 

Comparison  Known:  Transfer  0.5  ml  each  of  the  Na(I)  and  K(I)  known 
solutions  to  a  small  clean  porcelain  crucible  for  flame  test,  or  to  a  25  ml  flask 
if  an  analysis  by  P.  42-44  is  to  be  done. 

Analysis  by  Flame  Tests:  Treat  the  samples  by  P.  41. 

Analysis  by  P.  42-44:  Treat  the  samples  by  P.  42-44. 


H.  Analysis  for  Nitrogen 

Unknown:  The  unknown  will  be  a  solid. 

Comparison  Knotvn:  Concurrent  analyses  are  not  practical  because  of 
equipment  required. 

Consult  your  instructor  regarding  a  preliminary  analysis.  If  a  preliminary 
analysis  is  required,  proceed  as  directed  in  P.  131,  but  add  0.5  ml  of  the 
N  (  —  III)  and  N(V)  known  solutions  to  the  distilling  tube  in  place  of  the  25  mg 
solid  sample  specified  in  the  paragraph  entitled  "Detection  of  Trinegative 
Nitrogen,"  P.  131.  Then  continue  as  directed  in  P.  131-133. 


I.    Analysis  for  Carbonate  Carbon 

Unknown:  The  unknown  will  be  a  solid. 

Comparison   Known:   Concurrent   analyses   are   not   practical   because  of 
equipment  required.  Consult  your  instructor  regarding  a  preliminary  analysis. 
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If  a  preliminary  analysis  is  required,  proceed  as  directed  in  P.  134,  but  add 
0.5  ml  of  C(IV)  known  solution  to  the  distilling  tube  in  place  of  the  100  mg 
solid  sample  specified  in  the  second  paragraph  of  P.  134.  Then  continue  as 
directed. 


J.  Nonmetallic  Solids  and  Alloys 

The  complete  analysis  of  these  materials  will  be  made.  You  will  report  the 
per  cent  by  weight  of  each  element  found  and  will  attempt  to  establish  the 
chemical  composition  of  a  nonmetallic  sample  or  the  type  of  an  alloy. 
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Equipment 
Desk  Equipment 

Returnable  Equipment 

2 — 13  X  100  mm  Pyrex  test  tubes  (two  solid  rubber  stoppers  to  fit) 

6 — 15  X  125  mm  Pyrex  test  tubes,  15  ml  (two  solid  rubber  stoppers  to  fit) 

1 — 10  ml  cylindrical  graduate 

1 — 25  ml  cylindrical  graduate 

2 — paddle-shaped  stirring  rods^ 


f(should  be  constructed  by  student) 
2—2  X  150  mm  stirring  rods    }K  J  ' 

1 — 22  X  175  Pyrex  test  tube  (2-hole  rubber  stopper  to  fit) 

2 — 25  ml  conical  flasks  (one  2-hole  rubber  stopper  to  fit;  one  solid  rubber 

stopper  to  fit) 
3 — 50  ml  conical  flasks  (two  2-hole  rubber  stoppers  to  fit;  two  solid  rubber 

stoppers  to  fit) 
2 — 150  ml  beakers 
2 — 50  ml  beakers 

2 — 45  mm  OD  funnels  (with  1  porcelain  disc,  No.  3) 
2 — 75  mm  watch  glasses 

4 — calibrated  droppers  (should  be  constructed  by  student) 
1 — 500  ml  flat-bottom  flask,  Pyrex  (one  2-hole  rubber  stopper  to  fit) 
2-ft  glass  rod,  4  mm 
4-ft  glass  tubing,  6  mm  OD 

1 — 15  ml  porcelain  crucible  (smooth  interior  glaze),  and  cover 
1 — 50  ml  nickel  crucible  (20  ml,  if  50  ml  is  not  available),  and  cover 
1 — Metal  spatula  (7  mm  nickel) 
1 — Clamp 

1 — Ring  support  with  4"  ring 
1 — Test-tube  rack 

1 — Pair  of  crucible  tongs  (nickel,  stainless  steel,  or  nichrome  tipped) 
1 — Wash  bottle,  polyethylene,  250  ml 

1 — Clothespin-type  test-tube  holder  (recommended  but  not  required) 
1 — Porcelain  spoon  with  spatula  at  one  end  (Coors  1-a  or  equivalent) 
2 — 2"  Cobalt  glass  squares 
3-ft  Gas  tubing 
1 — Burner  (Tirrill  or  similar) 
1 — 2"  triangle  (nichrome,  chromel,  or  clay) 
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Nonreturnable  Equipment 

1 — Wire  gauze 

1 — Box  of  labels 

1 — Box  of  matches 

18" — Rubber  tubing,  suction 

1 — Box  filter  paper,  qualitative  (Whatman  No.  1  or  equivalent,  7  cm) 

2 — Towels 

9 — Dropper  bulbs 

1 — Rubber  suction  bulb 


Stockroom  or  Laboratory  Equipment 

Balances,  trip 

Balances,  pulp 

Centrifuges  (preferably  for  15  ml  test  tubes) 

Platinum  wire  in  glass  rod 

Safety-type  eye  glasses 


Index 


The  following  abbreviations  are  used  in  this  index: 
(P)        Procedure 

(Inst)    The  laboratory  Instructions  within  a  Procedure 
(T.O.)  Tabular  Outline 
(F.S.)    Flowsheet 
def.        Definition 


Abbreviations  of  units,  23 

Absorption  of  light,  223 

Acetic  acid-acetate  buffer  system,  39,  216 

Acid-base  indicators,  46,  48 

Acid-base  reactions,  33 

Acid  anhydride,  def.  105 

Acidic  Element  Group:  analysis,  349;  composi- 
tion, 113;  def.  14;  in  fusion  mixture,  192; 
separation  into  subgroups  (T.O.)  348,  (F.S.) 
350 

Acidic  oxides,  def.  109 

Acids:  action  on  phosphate  precipitates,  251; 
def.  34;  instructions  for  diluting,  155;  ioniza- 
tion constants  (Table),  445;  monoprotic, 
def.  34;  polyprotic,  def.  34;  reagent  list,  451; 
strong,  def.  35;  weak,  def.  35 

Activity,  def.  36 

Activity  coefficient,  def.  37 

Alkali  Element  Group,  analysis,  269;  see  also 
Soluble  Basic  Element  Group 

Alkali  elements:  behavior  after  fusion,  192; 
def.  99 

Alkaline  earth  elements:  def.  99;  chemical 
properties,  233 

Alkaline  Earth  Group,  analysis,  48,  114,  (T.O.) 
232,  (F.S.)  234,  (P)  235,  (Inst)  236 

Alkaline  earth  salts,  solubilities  (Table),  237 

Alloys:  solution  of,  205;  elements  present  in, 
205;  treatment,  (T.O.)  204,  (P)  205 

Aluminon,  334 

Aluminum:  confirmatory  test  and  estimation 
(P)  333,  (Inst)  334;  precipitation  as  hydrox- 
ide (P)  331,  (Inst)  333;  reaction  with  nitrate, 
400;  reaction  with  nitrite,  400;  reducing 
action,  400 

Aluminum-Chromium  Group:  precipitation 
(P)  319,  (Inst)  320,  (T.O.)  318;  separation 
from  Sulfide  Group  (P)  285 

Aluminum  Group:  analysis,  (T.O.)  330,  (F.S.) 
332;  separation  (P)  325,  (Inst)  326 

Aluminum  hydroxide,  lake,  334 


Ammine  complexes,  93.  115 

Ammonia:  see  also  Ammonium  hydroxide; 
compounds  with  mercury(II),  398;  equi- 
librium expression,  93;  removal  from  solu- 
tion, 80,  255;  test  for,  398 

Ammonia-ammonium  ion,  as  buffer  system,  40, 
319,  331,  376 

Ammonium  carbonate,  composition,  236 

Ammonium  hydroxide,  equilibrium  expression, 
93 

Ammonium  molybdophosphate,  precipitation 
of  phosphorus  as,  (P)  379 

Amphoteric,  def.  108 

Amphoteric  Element  Group:  analysis  (T.O.) 
284,  (F.S.)  286;  composition,  113;  def.  14; 
in  fusion  mixture,  192 

Amphoteric  elements:  separation  from  acidic 
elements,  (P)  349,  (Inst)  351;  separation 
from  Basic  Element  Group,  199;  separation, 
in  alloys,  206 

Amphoteric  Group  elements,  properties,  277, 
278 

Amphoteric  oxides:  correlation  with  metalloid 
elements,  111;  def.  110 

Analyses  of  knowns,  concurrent,  6 

Analyses,  reporting,  7 

Analysis,  elemental:  9;  of  unknowns,  directions 
for,  5;  systems  of,  8 

Analytical  operations,  143,  see  also  Instructions 

Anhydride,  acid,  def.  105 

Anions,  def.  101 

Anode,  def.  63 

Antimony,  properties  of  compounds,  377 

Approximations,  use  of,  36 

Aqua  regia,  solvent  effects,  187 

Arsenic:  analysis,  (P)  311,  (Inst)  312;  oxide 
and  sulfide  anions,  311;  precipitation  by 
thioacetamide,  289;  properties  of  com- 
pounds, 377;  separation  in  Acidic  Element 
Group,  (P)  377,  (Inst)  378;  separation  from 
chromium  and  vanadium,   (P)   375,   (Inst) 
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Arsenic:  (Continued) 

376;  separation  from  tin,  (P)  309,  (Inst)  310; 
complex  sulfides,  295 

Arsenic  Group:  analysis,  (T.O.)  306,  (F.S.) 
308;  precipitation,  (P)  307,  (Inst;  307;  sepa- 
ration from  Lead  Group,  (P)  295,  (Inst)  296, 
(T.O.)  294 

Asbestos  filters,  166,  167 

Atomic  size,  effect  of,  107 

Atomic  weights,  def.  18 

Balances,  146,  147;  rules  for  use,  147 

Balancing   oxidation-reduction   equations,    59 

Barium  chromate,  solution  of,  248 

Barium:  confirmatory  test,  (P)  242,  (Inst)  245; 
separation,  (P)  237,  (Inst)  241 

Barium  chromate,  precipitation,  (P)  237 

Barium  oxide,  235 

Barium  sulfate:  precipitation  of,  243;  solubility 
product,  84;  solubility  in  acids,  86 

Bases:  def.  34;  reagent  list,  451;  strong,  def.  35; 
weak,  def.  35 

Basic  Element  Group:  analysis,  211;  composi- 
tion, 113;  def.  14;  in  fusion  mixture,  192; 
separation,  (T.O.)  198,  (P)  199;  separation 
into  subgroups,  211,  (T.O.)  210,  (F.S.)  212 

Basic  elements,  separation,  in  alloys,  206 

Basic  oxides,  def.  109 

Bending  glass  tubing,  instructions,  134 

Beryllium  hydroxide,  properties,  108 

Beryllium  oxide,  235 

Bismuth,  properties  of  compounds,  377 

Blank  analysis,  use  of,  368 

Bromide,  reaction  with  permanganate,  364 

Bromine:  confirmatory  test  and  estimation,  (P) 
366,  (Inst)  367;  detection  and  separation, 
(P)  364,  (Inst)  365;  extraction,  (P)  367 

Buffer  systems:  def.  38;  ammonia-ammonium 
ion,  376;  acetic  acid-acetate,  216;  for  sulfate 
ion,  244;  sulfate-monohydrogen  sulfate,  244, 
365 

Bumping  of  solution,  157 

Bunsen  burner,  124 

Burner,  Tirrill,  124 

Calcium:  estimation  and  confirmatory  test,  (P) 
247,  (Inst)  249;  precipitation,  (P)  246,  (Inst) 
246 

Calcium  oxide,  hydration,  235 

Calcium  sulfate,  solubility,  249 

Calibrating  droppers,  instructions,  131 

Carbon,  analysis,  (T.O.)  392,  (P)  402,  (Inst) 
402 

Carbon  dioxide:  equilibria  in  water,  325;  hy- 
dration, 81;  reactions  with  sodium  hydrox- 
ide, 326;  saturation  of  solutions  with,  81, 
326,  349;  solid,  use,  326 

Carbon  oxides  and  oxygen  acids,  393 


Carbonate  carbon,  analysis,  (T.O.)  392 

Caro's  acid,  55 

Cathode,  def.  63 

Cations,  def.  100 

Cell  potentials,  64 

Centimeter,  17 

Centrifugate,  removing,  154 

Centrifugation  of  precipitates,  172 

Centrifuge  tubes,  balancing,  173 

Chelating  agent,  266 

Chemical  equilibrium,  law  of,  31 

Chlorate:  decomposition,  218;  oxidation  of 
sulfide,  313 

Chloride:  impurities  in  reagents,  368;  removal 
from  solution,  380 

Chlorine,  detection  and  estimation,  (P)  368, 
(Inst)  368 

Chlorine  dioxide,  behavior  with  water,  104 

Chloro-complexes  of  silver  chloride,  92 

Chroma  te-dichromate:  buffer  action,  239; 
equilibrium,  238;  indicator  action,  239 

Chromium:  confirmatory  test,  (P)  343,  (Inst) 
343;  detection,  (P)  322,  (Inst)  324;  estima- 
tion, 344;  reaction  with  chlorate,  206;  pre- 
cipitation as  lead  chromate,  (P)  339,  (Inst) 
341 ;  properties  of  compounds,  379;  reactions 
with  peroxide,  323;  separation  from  arsenic 
and  phosphorus,  (P)  375,  (Inst)  376;  separa- 
tion from  vanadium,  341 

Chromium  and  Aluminum  Groups,  precipita- 
tion, (T.O.)  318,  (Inst)  320 

Chromium  Group:  analysis,  (T.O.)  338,  (F.S.) 
340;  separation,  (P)  325,  (Inst)  326 

Cleaning  glassware,  instructions,  143 

Cleaning  solution,  144 

Cobaltinitrite  ion,  274 

Colloidal  suspensions,  95 

Common  ion  effect,  84 

Comparison  knowns:  instructions  regarding, 
457;  preparation,  457 

Complex  formation,  effect  on  solubility,  91 

Complex  ions:  ammine,  stepwise  formation  of, 
115;  arsenic  with  sulfide,  311;  cobalt  with 
nitrite,  274;  copper  with  ammonia,  265; 
thiosulfate,  263;  equilibrium  constants, 
(Table)  446;  formation  of  ammine,  48,  of 
sulfide,  282,  285,  295,  311;  iron  with  chloride, 
187,  224,  226,  316,  with  fluoride,  389,  with 
hydroxide,  316,  with  phosphoric  acid,  226, 
231,  with  thiocyanate,  226,  316,  389;  lead 
with  chloride,  315,  352;  magnesium  witli 
oxalate,  246;  mercury  with  iodide,  398; 
nickel  with  ammonia,  267,  393;  noble  metals, 
with  chloride,  187;  silver  with  ammonia,  93, 
185,  260,  with  chloride,  92,  260,  375,  with 
halides,  357;  tin  with  chloride,  110,  187,  310, 
315;  tin  and  silicon  with  fluoride,  110; 
titanium  (IS7)  with  sulfate,  223;  vanadium 
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Complex  ions:  (Continued) 

with  sulfide,  320;  zinc  with  ammonia,  331, 
with  chloride,  90,  290 
Complex  solvents,  185 
Complex  sulfides,  295 
Concentration  units,  23,  (Table)  24 
Concentrations,  effect  of  on  half-cell  potentials, 

66;  volume,  24;  weight,  26 
Construction  of  glass  equipment,  123 
Copper:  ammine  complex  ions,  265;  confirma- 
tory test,  (P)  264,  (Inst)  265;  detection  in 
Amphoteric  Element  Group,  (P)  304,  (Inst) 
305;  higher  oxidation  state,  213;  precipita- 
tion and  estimation,  (P)  261,  (Inst)  263 
Copper(II),  reaction  with  ferrocyanide,  304; 

reaction  with  iodide,  261 
Covalent  bond,  criterion  for,  103;  def.  101 
Covalent  oxides,  behavior  with  water,  104 
Crystal  growth,  95 
Cubic  centimeter,  18 
Cupric  potassium  ferrocyanide,  265 
Cuprous  iodide,  reaction  with  ammonia,  265 
Cutting  glass,  rod,  126;  tubing,  126 

Decantation,  filtering  by,  169;  washing  pre- 
cipitate by,  171 

Detection  of  water,  183 

Devarda's  alloy,  401 

Dichromate-chromate,  buffer  action,  239; 
equilibrium,  238;  indicator  action,  239 

Diluting  acids,  instructions,  155 

Dimethylglyoxime,  reaction  with  Xi,  266 

Discussion,  def.  177 

Displacement  reactions,  45,  87 

Distribution  equation,  76 

Distribution  ratios,  76 

Disulfide  ion,  oxidizing  action,  296 

Droppers:  calibrating,  131;  making,  129;  use, 
153;  medicine,  129 

Dry  ice,  use  of,  326 

Eo,  def.  65 

Electrolytic  oxidation-reduction  reactions,  62 

Electronegativity,  def.  101 

Electronegative  element,  def.  100 

Electronegativities  of  the  elements  (Table), 
102 

Electron:  acceptor,  52;  donor,  52 

Electropositive  element,  def.  100 

Elemental  analysis,  def.  9 

Elements:  periodic  properties,  98;  species 
formed  (Table),  440 

Emission  spectroscopy,  271 

Equations:  ionic,  total  net,  41;  balancing  oxi- 
dation-reduction, 59 

Equilibrium  constants:  acids  and  bases  (Table), 
445;  and  half-cell  potentials,  69;  half-cell 
reactions    (Table),    448;    of    complex    ions 


(Table),   446;  solubility  products    (Table), 

443 
Equilibrium,  law  of  chemical,  31 
Equilibrium  constant,  def.  32 
Equipment:  construction  of,  123;  instructions 

regarding,  119;  list,  461 
Equivalent:  def.  19;  oxidation-reduction,  54 
Equivalent  weight,  def.  19 
Estimations,  description,  177 
Evaporating  solutions,  instructions,  157 
Extraction,  solvent,  79 

F,  formality,  def.  25 

Ferricyanide,  reaction  with  Fe(Il),  265 

Ferrocyanide:  potassium  cupric,  265;  reaction 

with    Cu(II),    265,  304;  reaction  with  Fe- 

(III),  265;  reaction  with  zinc,  336 
Filtering:   by  decantation,   169;  and  washing 
precipitates,  instructions,  169;  of  precipitates, 

163 
Filters:  asbestos,  167;  glass  wool,  167;  instruc- 
tions for  suction  filtration,  163;  paper,  163; 

qualitative,  164;  quantitative,  164 
Filtration  equipment,  suction,  139 
Fire-polishing:  glass  rod,  126;  glass  tubing,  126 
Flame  colors,  of  elements,  271 
Flame  tests  for  sodium  and  potassium,  (P)  269, 

(Inst)  271 
Flow  Sheets,  use  of,  181 
Fluorine  and  sulfur  analysis,  (T.O.)  384,  (F.S.) 

386 
Fluorine:  confirmatory  test  and  estimation,  (P) 

389,    (Inst)    389;   precipitation  as   calcium 

fluoride,  fP)  388,  (Inst)  388 
Formal,  (F),  def.  25 
Formal  half-cell  potentials  (Table),  448 
Formality,  def.  25 
Formula  weights,  def.  19 

Fusion,  compounds  resulting  from,  (T.O.)  190 
Fusion  mixture,  preparation,  194 
Fusion  of  the  sample:  discussion,  112;  (P)  191, 

(Inst)  193 
Fusion  product,  treatment  with  water,  199 

Gas  burner,  instructions  for  using,  123 
Gases,  saturation  of  solutions  with,  81 
Glass  equipment,  construction,  123 
Glassware,  cleaning,  143 
Glass  rod:  cutting,  126;  fire-polishing,  126 
Glass  tubing:  cutting,  126;  fire-polishing,  126; 
forcing  through  stoppers,  136;  bending,  134 
Glass-wool  filters,  167 
Gram,  def.  18 

Gram-equivalent  weight,  def.  19 
Gram-formula  weight,  def.  19 
Gram-molecular  weight,  def.  19 
Group  (periodic  table),  def.  98 
Group  system  of  analysis,  11 
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Half-cell  potentials,  64;  standard  and  formal 

(Table),  448;  and  equilibrium  constants,  69; 

effect  of  concentrations  on,  66 
Half-cell:  reactions,  def.  57;  standard,  65 
Halides:  properties,  35.5;  solubilities,  355 
Halogen  Group,  analysis,   (T.O.)  354,   (F.S.) 

356,  (P)  357,  (Inst)  358 
Halogens,  hydrolysis,  362 
Heating  solutions:  in  beakers,  160;  in  flasks, 

157;  in  test  tubes,  160;  instructions,  157 
Henry's  law,  78 

Heterogeneous  phase  reactions,  def.  31 
Heterogeneous  systems,  reactions  in,  74 
Heteropoly  acids,  379 
Homogeneous  phase  reactions,  def.  31 
Homogeneous   solutions,   precipitations  from, 

288 
Homogeneous  systems,  reactions  in,  30 
Hydrochloric  acid:  reaction  with  sulfides,  309; 

solubility  effects,  243;  solvent  for  oxides,  186 
Hydrogen  electrode,  65 
Hydrogen  ion,  effect  on  solubility,  186 
Hydrogen  Sulfide  Group,  def.  89 
Hydrogen  sulfide,  ionization,  88 
Hydrolysis:  of  salts,  43;  of  metal  ions,  214 
Hydrolysis  reactions,  40 
Hydronium  ion,  def.  34 
Hydrous  oxides,  def.  Ill 
Hydroxides,  pH  of  precipitation  (Table),  215 

Indicators,  acid-base,  46,  48 

Instructions,  def.  177 

Instructions:  for  bending  glass  tubing,  134;  for 
calibrating  droppers,  131;  for  centrifuging 
precipitates,  172;  for  cleaning  glassware,  143; 
for  detecting  precipitates,  161;  for  diluting 
acids,  155;  for  filtering  and  washing  precipi- 
tates, 169;  for  making  droppers,  129;  for 
making  equipment  for  suction  filtration,  139; 
for  making  stirring  rods,  126;  for  making 
wash  bottles,  133;  for  suction  filtration,  163; 
for  transferring  precipitates,  171;  for  trans- 
ferring solids,  145;  for  transferring  solutions, 
148;  for  use  of  droppers,  153;  for  using  gas 
burner,  123;  for  washing  precipitates  by 
decantation,  171;  for  weighing  solids,  146; 
preliminary  laboratory,  3,  119;  regarding 
equipment,  119;  regarding  heating  and 
evaporating  solutions,  157;  regarding  note- 
book, 120;  regarding  study  methods,  121; 
regarding  use  of  pH  papers,  160 

Interionic  attraction  effect,  36 

Iodide:  reaction,  with  Cu(Il),  261,  with  ni- 
trous acid,  360,  with  oxygen,  263,  with  sul- 
fite, 264;  oxidation  by  nitrous  acid,  68,  258 

Iodine:  detection  and  separation,  (P)  360, 
(Inst)  361;  distribution  between  water  and 
CCU,  77;  estimation,   (P)  362,  (Inst)  364; 


extraction,  79,  (P)  360;  reaction  with  iodide, 
261,   with  silver(I),  363,  with  sulfite,   262, 
with  thiosulfate,  262 
Ionic  equation,  total  net,  41 
Ionic  bond:  criterion  for,  103;  def.  101 
Ionic  compound,  100,  def.  101 
Ionic  oxides,  behavior  with  water,  104 
Ionization  constant,  silver  chloride,  91 
Ionization  constants:   complex  ions    (Table), 
446;  def.  35;  of  acids  and  bases  (Table),  445 
Ionization  reactions,  def.  30,  33,  48 
Ion  product  constant,  83;  of  water,  35,  41 
Iron,  detection  and  estimation,  (P)  225,  (Inst) 

226 
Iron  (II),  reaction  with  ferricyanide,  265 
Iron  (III):  complex  ions,  224,  226,  316;  com- 
plexes   with    thiocyanate,    225;    hydrolysis, 
products,  316;  reaction  with  ferrocyanide, 
265;  reaction  with  Sn(II),  316 

Knowns,  analyses  of,  concurrent,  6 
Known  solutions,  27;  preparation,  455 

Laboratory  instructions,  preliminary,  3,  119 
Lake:    def.    252;    aluminum    hydroxide,    334; 

magnesium  hydroxide,  252 
Law:  Henry's,  78;  mass-action,  31;  of  chemical 

equilibrium,  31;  phase  distribution,  76 
Lead:  confirmatory  test  and  estimation,   (P) 

303,  (Inst)  303;  precipitation,  (P)  301,  (Inst) 

302 
Lead  acetate  complex,  303 
Lead  chrornate:  metathesis  to  lead  sulfate,  343; 

precipitation,  303 
Lead  Group:  analysis,  (T.O.)  298,  (F.S.)  300; 

separation  from  Arsenic  Group,  (T.O.)  294, 

(P)  295,  (Inst)  296 
Lead  Group  sulfides,  solution  of,  (P)  299,  (Inst) 

301 
Lead  sulfate,  solubility,  302 
Le  Chatelier,  principle  of,  32,  76 
Ligand,  def.  114 
Light,  absorption,  223 
Liquid-liquid  phase  separations,  78 
Liter,  def.  18 
Litmus  paper,  161 

M,  molarity,  def.  25 

Macro  scale,  def.  178 

Magnesium :  confirmatory  test  and  estimation, 
(P)  251,  (Inst)  252;  precipitation  as  am- 
monium phosphate,  250;  precipitation  of, 
(P)  249,  (Inst)  250 

Magnesium  ammonium  arsenate,  precipita- 
tion, 311,  376 

Magnesium  ammonium  phosphate,  precipita- 
tion, 376 

Magnesium  hydroxide  lake,  252 
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Magnesium  oxalate  complexes,  246 

Magnesium  oxide,  235 

Major  group  separations,  112 

Manganate,  reduction,  201 

Manganese:  behavior  in  fusion,  216;  behavior 
with  chlorate,  216,  with  peroxide,  216;  de- 
tection and  estimation,  (P)  227,  (Inst)  229; 
oxidation  by  chlorate,  206;  oxidation  states, 
107,  214;  oxides,  behavior  with  water,  107 

Manganese  dioxide:  reaction  with  nitrite,  365, 
with  peroxide,  248 

Manganous  hydroxide,  reaction  with  peroxide, 
339 

Mass-action  law,  31 

Mercurous  chloride,  reaction  with  ammonia, 
398 

Metal  Ammine  Group:  analysis,  (T.O.)  254, 
(F.S.)  256,  (P)  255,  (Inst)  257;  separation, 
48,  114 

Metallic  solids:  treatment,  (P)  205,  (Inst)  206; 
size  of  sample,  7,  179 

Metalloids:  def.  99;  properties,  111 

Metals:  def.  99;  properties,  99,  111 

Metathesis,  21 

Metathetical  reactions,  21 

Meter,  def.  17 

Metric  system,  units,  17 

Molal,  volume,  def.  25 

Molar,  def.  25 

Mole,  def.  19 

Molecular  weights,  def.  19 

Molybdenum,  properties  of  compounds,  276, 
379 

Molybdic  acid,  381 

Monoprotic  acid,  def.  34 


N,  normality,  def.  26 

Nernst  equation,  67,  69 

Nessler's  reagent,  398 

Neutralization  reactions,  33,  def.  34,  40 

Nichrome  wire,  use  for  flame  tests,  272 

Nickel  crucible,  use,  193 

Nickel:  detection,  (P)  266,  (Inst)  267;  higher 
oxidation  state,  213;  reaction  with  di- 
methylglyoxime,  266 

Nickel  dimethylglyoxime,  266 

Mtric  acid:  as  a  solvent,  187;  reaction  with 
sulfides,  299;  reduction  products,  187 

Nitrite:  effect  on  acidic  element  analysis,  373; 
reaction  with  manganese  dioxide,  365,  with 
permanganate,  365;  removal  from  solution, 
291 

Nitrogen:  analysis,  (T.O.)  392;  confirmatory 
test  and  estimation  of  trinegative,  (P)  398, 
(Inst)  399;  detection  and  estimation  of  posi- 
tive, (P)  400,  (Inst)  401;  detection  of 
positive,  (P)  400,  (Inst)  401,  of  trinegative, 


(P)  394,  (Inst)  395;  trinegative,  compounds 

of,  393 
Nitrogen  oxides  and  oxygen  acids,  393 
Nonmetallic  solids:  fusion  of,  (P)  191,  (Inst) 

193;  size  of  sample,  7,  179 
Nonmetals:  characteristics   of,    100;   def.    99; 

properties  of,  111 
Normal,  def.  26 
Normality,  def.  26 
Notebook:  instructions  regarding,  120;  sample 

entry,  121 
Notes,  def.  177 

Organic  material,  detection,  188 

Organization  of  system  of  analysis,  177 

Organization  of  this  book,  14 

Oxalic  acid,  titration  with  permanganate,  248 

Oxidant,  def.  52,  58 

Oxidation,  def.  52 

Oxidation  number,  def.  53;  determination  of, 
54 

Oxidation  state,  53;  effect  on  properties,  105, 
228;  symbols  for,  53 

Oxidation-reduction:  equations,  balancing,  59; 
equivalent,  54;  reactions,  52,  def.  30,  elec- 
trolytic, 62;  reaction,  21 

Oxide  oxygen,  detection  of,  184 

Oxide  separations,  279 

Oxides:  acidic,  def.  109;  amphoteric,  correla- 
tion with  metalloid  elements,  111,  ampho- 
teric, def.  110,  examples  of,  111;  basic,  def. 
109;  behavior  with  water,  104;  and  oxidation 
state,  105;  hydrous,  def.  Ill;  pH  of  precipi- 
tation (Table),  215 

Oxidizing  agent,  52,  57 

Oxygen  compounds  of  the  elements,  103 

Paper  filters,  use,  163 

Paranitrobenzene  azoresorcinol,  252 

Period  (periodic  table),  98 

Periodic  properties  of  the  elements,  98 

Periodic  table,  98 

Permanganate:   reaction   with    bromide,    364, 

with  nitrite,  365,  with  peroxide,  248,  339, 

with  oxalate,  248 
Peroxide:    compounds,     230;     reaction     with 

chromium,  323,  with  manganous  hydroxide, 

339,  with  permanganate,  339,  with  silver(I), 

373,  with  vanadium,  323,  345 
Peroxychromic  acid,  323 
Peroxydisulfuric  acid,  57,  230 
Peroxymonosulfuric  acid,  55,  230 
Peroxyvanadic  acid,  323,  345 
pH:  papers,  use,  160;  precipitation  values  for 

hydrous  oxides  (Table),  215;  test  of  solution 

of  sample,  189;  def.  47 
Phase  distribution  law,  76 
Phase  equilibria,  74 
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Phase  separations,  74,  162;  gas-liquid,  79; 
liquid-liquid,  78;  solid-liquid,  82,  163 

Phosphorus:  estimation,  (P)  381,  (Inst)  382; 
precipitation,  (P)  379,  (Inst)  380;  com- 
pounds, 377;  separation,  (P)  377,  (Inst)  378, 
from  chromium  and  vanadium,  (P)  375, 
(Inst)  376 

Phosphorus  Group:  analysis,  (T.O.)  370,  (F.S.) 
372;  precipitation  (P),  371,  (Inst)  373 

pK,  use,  47 

Platinum  ware,  use,  272 

Polyprotic  acids,  def.  34 

Potassium  cupric  ferroeyanide,  265 

Potassium:  flame  tests,  (P)  269,  (Inst)  271; 
detection  and  estimation,  (P)  272;  precipi- 
tation of,  (P)  274,  (Inst)  275 

Potentials:  effect  of  concentration  on,  66; 
standard  and  formal  half-cell  (Table),  448 

Precipitates:  centrifuging,  172;  filtering,  163; 
detecting,  161;  filtering  and  washing,  168, 
171;  transferring,  171;  perfection  of,  95; 
physical  characteristics,  94;  washing  or  dis- 
solving, 154 

Precipitation  pH,  of  hydrous  oxides  (Table,) 
215 

Precipitation  reactions,  def.  30 

Preliminary  observations  and  tests,  (P)  183, 
(Inst)  187 

Preliminary  study  and  instructions,  3 

Pulp  balance,  147 

Questions  and  problems,  16,  28,  72,  96,  115, 
407 

Rates  of  reactions,  effect  of  temperature,  365 

Reactions:  acid-base,  33;  displacement,  45,  87; 
electrolysis,  62;  half-cell,  def.  57;  heter- 
ogeneous phase,  def.  31;  homogeneous 
phase,  def.  31;  hydrolysis,  40;  in  heterogene- 
ous systems,  74;  in  homogeneous  systems, 
30;  ionization,  def.  30,  33,  48;  methathetical, 
21;  neutralization,  33,  def.  34,  40,  42,  44; 
oxidation-reduction,  def.  30,  52;  precipita- 
tion, def.  30;  redox,  def.  52;  types  of,  30 

Reagents:  list,  451;  used  in  this  system,  27 

Redox  reaction,  21,  def.  52 

Reducing  agent,  52,  def.  57 

Reductant,  def.  52,  58 

Reduction,  def.  52 

Reporting  Analyses,  directions,  7,  178 

Resonance,  def.  106 

Salts:  hydrolysis,  43;  of  weak  acids,  solubility, 
85 

Samples:  particle  size,  194;  sizes,  179;  obtain- 
ing representative,  179;  procedures  for  vari- 
ous types,  180 

Saturating  solutions  with  gases,  81 


Selenious  acid,  properties,  108 

Selenium,  properties  of  compounds,  385 

Semi-micro  scale,  def.  178 

Separation,  major  groups,  192,  (F.S.)  182 

Separations:  gas-liquid,  79;  liquid-liquid,  78; 

major  group,  112;  oxide,  113,  279;  phase,  74, 

162;  solid-liquid,  82,  163;  sulfide,  87,  279 
Silicic  acid,  composition,  349 
Silicon,  precipitation,  (P)  349,  (Inst)  351,  352 
Silver:  confirmatory  test,  (P)  259,  (Inst)  260; 

diammine  complex,   260;   higher  oxidation 

states,  213;  precipitation  and  estimation,  (P) 

258,  (Inst)  258;  reaction  with  iodine,  363, 

with  peroxide,  373,  with  zinc,  359;  reduction 

by  zinc,  68;  removal  as  chloride,  (P)  374, 

(Inst)  375,  as  metal,  (P)  359,  (Inst)  359 
Silver  chloride:  behavior  with  ammonia,  259; 

chloro-complexes,    92;    ionization   constant, 

91;  solubility  product,  91 
Silver  halides:  behavior  with  ammonia,  260, 

359;  colors,  358 
Silver  salts:  colors,  374;  solubility  in  acids,  371 
Sodium:  detection  and  estimation,  272;  flame 

tests,  (P)  269,  (Inst)  271;  precipitation,  (P) 

275,  (Inst)  276 
Sodium  bismuthate,  229 
Sodium  hydroxide:  handling  of  pellets,   195; 

molten,  191 
Sodium  nitrate,  reactions  in  fusion,  192 
Sodium  oxide,  behavior  with  water,  104 
Sodium  peroxide,  properties,  145 
Solid  chemicals,  measuring,  144 
Solid-liquid  phase  separations,  82,  163 
Solids:  transferring,  145;  weighing,  146 
Solubilities,  (Table),  450 
Solubility  effects,  85,  91,  184,  186 
Solubility  product,  82,  def.  83 
Solubility  products,  (Table),  443 
Solubility  tests,  184,  189 
Soluble  Basic  Element  Group:  analysis,  (T.O.) 

268,  (F.S.)  270;  composition,  113 
Solutions:   handling,   148;  heating,   157,   160; 

saturation  of  with  gases,  81 
Solution,  Samples,  treatment,  (P)  208,  (Inst) 

208 
Solvay  process,  74 
Solvent  extraction,  79 
Species  formed  by  elements  (Table),  440 
Specific  reagents,  10 
Spectroscopy,  emission,  271 
Standard     and     formal     half-cell     potentials 

(Table),  448 
Standard  half-cell,  def.  65 
Standard  potentials,  65 
Stannic  hydroxide,  formula,  314 
Stannic    sulfide,    reaction    with    hydrochloric 

acid,  309 
Stirring  rods,  construction,  126 


INDEX 


469 


Strong  acids,  def.  35 

Study  methods,  instructions  regarding,  121 

Suction  filtration:  equipment,  139;  instructions 

for  163 
Sulfamic  acid,  hydrolysis,  289 
Sulfate-monohydrogen  sulfate  buffer  system, 

244,  287,  365 
Sulfide   Group:   analysis   of,    (T.O.)   294,    (P) 

295;    precipitation,    285;    separation    from 

Aluminum-Chromium     Group,      (P)      285, 

(Inst)  290 
Sulfide:   oxidation  by  chlorate,  313,   336,  by 

peroxide,  311;  separations,  87,  279,  285 
Sulfides:  behavior  of  (Table),  281;  colors,  290; 

complex,  295;  precipitation  by  thioacetam- 

ide,  287;  separations  and  periodic  table,  280 
Sulfite:  reaction  with  iodide,  264,  with  vana- 

dium(V),  346,  with  iodine,  262 
Sulfur  and  fluorine  analysis,  (T.O.)  384,  (F.S.) 

386 
Sulfur  dioxide,  behavior  with  water,  105 
Sulfur:  precipitation  as  barium  sulfate,  (P)  385, 

(Inst)  387;  properties  of  compounds,  385 
Sulfur  trioxide,  behavior  with  water,  106 
Sulfuric  acid:  dilution  of,  155;  as  dehydrating 

agent,  351 
Sulfurous  acid,  structure  of,  106 
Suspensions,  colloidal,  95 

System  of  analysis:  background  of,  13;  organi- 
zation, 177 
Systems  of  analysis,  8 
Systems  of  specific  reagents,  10 

Tellurium,  properties  of  compounds,  385 

Tellurous  acid,  properties,  108 

Tetrathionate,  structure,  57 

Thioacetamide:  precipitation  of  sulfides,  287; 
removal  from  solution,  380 

Thiocyanate,  iron  complexes,  225 

Thiosulfate:  oxidation  of,  56;  reaction  with 
iodine,  262;  structure,  56 

Tin:  complex  sulfides,  295;  comfirmatory  test 
and  estimation,  (P)  314,  (Inst)  317;  precipi- 
tation as  stannic  oxide,  (P)  313,  (Inst)  314; 
separation  from  arsenic,  (P)  309,  (Inst)  310 

Tin(IV),  reduction  by  lead,  315 

Tin(II):  oxidation  by  oxygen,  315;  titration 
with  Fe(III),  316 

Tirrill  burner,  124 

Titanium,  detection  and  estimation,  (P)  230, 
(Inst)  231 

Titanium  (IV):  complex  ions,  223;  peroxide 
complex,  231 


Titanium  Group:  analysis,  (T.O.)  220,  (F.S.) 
222;  separation,  (P)  213,  (Inst)  217;  Solu- 
tion of,  (P)  221,  (Inst)  224 

Trace,  def.  178 

Transition  elements,  def.  99 

Tri-iodide  ion,  261 

Trip  balance,  146 

Triple-beam  balance,  147 

Tungsten  compounds,  276,  379 


Units:  of  chemical  quantity,  18;  of  concentra- 
tion, 23;  of  the  metric  system,  17 
Unknowns,  directions  regarding,  5,  457 
Uranium  compounds,  276 
Urea,  hydrolysis  of,  289 


Valence,  54 

Vanadates,  polymerization,  320 

Vanadium:  confirmatory  test  and  estimation, 
(P)  345,  (Inst)  346;  detection,  (P)  322,  (Inst) 
324;  precipitation  as  lead  vanadate,  (P)  344, 
(Inst)  344;  reactions  with  peroxide,  323,  345; 
separation  from  arsenic  and  phosphorus,  (P) 
375,  (Inst)  376;  separation  from  chromium, 
341;  thio  anions  of,  319;  peroxide  com- 
pounds, 231 

Vanadium  (V),  reduction  by  sulfur  dioxide,  346 

Vanadyl  ion,  345 

Volume  concentrations,  24 

Volume  formal,  def.  25 

Volume  molal,  def.  25 

Volume  normal,  def.  26 


Wash  bottles,  construction,  133 

Washing  or  dissolving  precipitates,  154,  168 

Water:  detection,  183;  ion  product  constant, 
35,  41;  of  constitution,  183;  of  crystalliza- 
tion, 183;  test  for,  (Inst)  188 

Weak  acid,  def.  35 

Weighing  instructions,  146 

Weight  concentrations,  26 

Weight-percent,  def.  27 

Weights,  atomic,  def.  18 

Zinc:  ammine  complex  ion,  331;  confirmatory 
test,  (P)  336,  (Inst)  336;  coprecipitation 
with  aluminum,  331;  precipitation  and  esti- 
mation, (P)  335,  (Inst)  335;  reaction  with 
ferrocyanide,  336;  with  silver,  68,  359;  re- 
ducing action,  400 


ATOMIC  WEIGHTS  1961 

(Based  on  Carbon-12) 


S>M 

SYM 

ATOMIC 

SYM 

•    ATOMIC 

ELEMENT 

BOL 

WEIGHT 

IENT 

BOL 

WEIGHT 

".EVENT 

BOL 

WEIGHT 

Actinium 

Ac 

[227]* 

Gold 

Au 

196.967 

Praseodymium 

Pr 

140.907 

'-   -  mm 

Al 

26.9815 

Hafnium 

Hf 

178.49 

Promethium 

F- 

[147]* 

r.urr. 

Am 

[243]* 

Helium 

He 

4.0026 

Protactinium 

Pa 

[231]* 

M  -xwy 

Sb 

121.75 

Holmium 

Ho 

164.930 

Radium 

Ra 

[226]* 

Arg:n 

Ar 

39.948 

Hydrogen 

H 

1.00797* 

Rn 

[222]* 

Arsenic 

As 

74.9216 

iram 

In 

114.82 

"'urn 

Re 

186.2 

- 

At 

[210]* 

Iodine 

1 

126.9044 

:  ■  Sun 

Rh 

102.905 

Barim 

Be 

137.34 

Iridium 

Ir 

192.2 

-.:  dium 

Rb 

B5.47 

=  • 

[247]* 

- 

Fe 

55.847" 

:.    erikm 

Ru 

101." 

Be'      " 

=  : 

9.0122 

•    :ton 

Kr 

Samarium 

Sm 

150.35 

Bismuth 

Bi 

208.980 

Lanthanum 

La 

::s :: 

:ium 

Sc 

44.95E 

Boron 

B 

10.811- 

Lead 

Pb 

207.19 

Selenium 

Se 

78.96 

Bromire 

79.909" 

L ."  vm 

Li 

E  :?r 

Silicon 

Si 

2S.086* 

Cadmium 

Cd 

112.40 

LtrtetiUBi 

Lu 

174.97 

Silver 

Ag 

107.870" 

Ca 

40.08 

esium 

Mg 

24.312 

Sodium 

Na 

22.: 

Californium 

Cf 

[249]* 

Mn 

54.9380 

Strontium 

Sr 

87.62 

Carbon 

C 

12.01115* 

Mendeievium 

Md 

[256]* 

Sulfur 

S 

32.064* 

Cerium 

Ce 

140.12 

Mercury 

-; 

::: :: 

Tantalum 

Ta 

180.948 

Cesiur 

Cs 

:;:?:: 

Molybdenum 

Mo 

95.94 

Technetium 

Tc 

[97]* 

Chlorine 

CI 

35.453b 

Neodymium 

Nd 

144.24 

Tellurium 

Te 

127.60 

Chromium 

Cr 

51.995" 

Neon 

Ne 

20.183 

Terbium 

Tb 

158.924 

Cobalt 

Co 

58.9332 

Neptunium 

Np 

[237]* 

Thallium 

Tl 

204.37 

Cu 

63.54 

Nickel 

Ni 

58.71 

Thorium 

Th 

232.038 

Curium 

Cm 

[247]* 

Niobium 

Nb 

rlrJf 

Thulium 

Tm 

168.934 

Dysprosium 

Dy 

162.50 

Nit- 

N 

14.0067 

Tin 

Sn 

118.69 

Einsteinium 

Bs 

[254]* 

Nobel  ium 

No 

— 

Titanium 

Ti 

47.90 

Erbium 

Er 

167.26 

Osmium 

Os 

190.2 

Tungsten 

.'. 

183.85 

Europium 

Eu 

151.96 

Oxygen 

0 

15.9994* 

jm 

U 

238.03 

:-    "    Ml 

Fm 

[253]* 

?:ium 

Pd 

106.4 

Vanadium 

V 

50542 

F 

18.9984 

: 

P 

30.9738 

Xenon 

Xe 

131.30 

Francium 

Fr 

■urn 

Pt 

195.09 

Ytte- 

Yb 

. 

. 

Gd 

157.25 

Phrton  mr 

Pu 

[242]' 

Yttrium 

Y 

B8.905 

Gallium 

Ga 

69.72 

r     lium 

Po 

[210]* 

Zinc 

Zn 

65.37 

Ge 

72.59 

: 

K 

39.102 

I     )niun 

Zr 

91.22 

(a)  The  atomic  weight  raries  iecause  cf  natural  v;-. aliens  ;n  the  (b)  Tie  atonic  RigM  is  ielieved  to  have  an  uyaimMM  Ln- 

isotopi:  cm-position  of  the  element.  The  cisei.H  ranges  are  certaiitj  cf  the  following  magr.iturje:  brcrsine.  =0.0G:    chlorine, 

=•003;  cartji.  =0.OC}05:  hydrogen,  ±*JM1;  orygen.  ±»Ml;  chromium,  =  0.001:  iron,  =0.093;  silver,  =0.0C3 
=0.0M1;  Silicon,  =0.301;  sulfur,  =0.003. 

*A  nuir.Oer  in  brackets  designates  the  mass  number  cf  a  selected  isotope  of  the  element,  usually  the  toe  nf  longest  known  half-life. 

we  ;hrs:  Courtesy  of  the  International  Union  of  Pore  and  Applied  Chemistry. 
Bracketed  numbers:  Courtesy  of  the  Natioral  Bureau  of  Standards. 


